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PAR T  I 


1  •  On,  the  specification  and  determination  of  the  reaction  of  a  solution 

In  recent  years  many  soil  scientists  have  been  concerned  with  discovering 
methods  for  the  determination  of  acidic  and  basic  properties  of  different  soils  and 
especially  v/ith  the  determination  of  the  degree  of  acidity  of  acidic  soils.  This 
is  probably  in  connection  with  the  fact  that  through  the  theory  of  electrolytic 
dissociation  we  have  reached  a  deeper  understanding  of  hew  one  should  define  the 
^acidic  or  basic  reaction  of  a  solution*  According  to  the  theory  of  electrolytic 
dissociation,  acid  reaction  in  a  solution  is  conditioned  by  a  content  of  hydrogen 
ions,  H4,  and  basic  reaction  by  a  content  of  hydroxyl  ions,  OH-*  Hydrogen  ions 
and  hydroxyl  ions  cannot  coexist  in  a  solution  in  large  quantities  without  com¬ 
bining  with  each  other  to  form  water  according  to  the  equation: 


H4  +  0H“  =  H20 


This  combination  takes  place  when  acidic  and  basic  solutions  are  mixed  and  it  is 
the  resulting  disappearance  of  hydrogen  ions  and  .hydroxyl  ions  which  causes  the 
acidic  or  basic  reaction,  or  in  a  particular  mixture  both  reactions,  to  dis¬ 
appear  sc  that  the  solution  becomes  neutral* 

Exact  investigations  have  shown  that  the  hydrogen  ions  and  the  hydroxyl  ions 
do  net  combine  completely  vd.th  each  other.  In  reality  any  aqueous  solution  con¬ 
tains  both  hydrogen  ions  and  hydroxyl  ions  but  one  of  these  ions  is  always  found 
only  in  exceedingly  small  quantities*  If  one  of  these  ions  were  completely 
mi^'sing  in  an  aqueous  solution,  some  water  molecules  would  immediately  dissociate 
according  to  the  equation: 


1^0  =  H+  +  OH" 

The  combination  of  hydrogen  ions  and  hydroxyl  ions  to  water  is  therefore  a 
reversible  process  and  since  both  the  forward  and  reverse  actions  proceed  very 
quickly,  chemical  equilibrium  sets  up  between  the  water  on  the  one  side  and 
hydrogen  ions  and  hydroxyl  ions  on  the  other  side  immediately  in  any  aqueous 
solution*  According  tc  the  lav/  of  mass  action  the  product  of  the  concentrations 
of  the  hydrogen  ions  and  the  hydroxyl  ions  in  all  dilute  aquecus  solutions  must 
therefore  have  one  and  the  same  value*  This  constant  value  is  called  the 
dissociation  constant  of  v/ater.  We  will  designate  it  %20*  Calling  the  mlar 
concentration  of  a  substance  C  with  the  formula  of  the  substance  added  as  a 

subscript  we  may  write  : 


Ofj+  ■  8oir  =  kH20 

At  20c  the  value  of  the  dissociation  constant  of  water  is  about  10“  ^ 

From  the  above  formula  it  fellows  that  the  concentration  of  hydroxyl  ions  in 
a  1  nolar  hydrogen  ion  solution  must  have  the  exceedingly  small  value  10“"*  A 
With  decreasing  hydrogen  icn  concentration  the  hydroxyl  ion  concentration  increases. 
When  the  hydrogen  icn  concentration  has  decreased  tc  10“7  the  two  concentrations 
are  equal.  Such  a  solution  can  reasonably  be  called  completely  neutral.  When 
the  hydrogen  ion  concentration  is  smaller  than  10“'  the  hydroxyl  ion  concentration 
must  be  greater  than  10" 7  and  in  a  1  molar  solution  of  hydroxyl  ions  the  hydrogen 
ion  concentration  has  the  exceedingly  small  value  of  10“*^,  In  strongly 
solutions  therefore  the  content  cf  hydroxyl  ions  is  very  small  and  in  strongly 
basic  solutions  on  the  other  hand  the  content  of  hydrogen  ions  is  very  small. 
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and  hydroxy]. 


Because  of  the  connection  between  hydrogen  icn  concentratio  ^ 
ion  concentration  we  can  use  the  hydrogen  ion  concentration  *±c  reacting 
reaction  of  any  solution  whether  it  is  basic  or  acidic.  concentration 

frrmt+fn\;L'!;  is  simple,  if  desired,  tc  calculate  the  hy  °  ^  usg  the  hydrogen 
from  the  hydrogen  ion  concentration  and  vice  versa.  _  rften  found, 

ion  concentration  to  specify  the  reaction  of  a  solution  it  is  thj_s  figure 

particularly  in  graphical  presentation,  tc  be  very  inconvenien  /&rd  resulted 

varies  over  a  very  wide  range,  from  about  1-10"1Zf.  A  big  P  hvdrccen  ion 
from  the  adoption  of  S.P.L.  Sorensen's  suggestion  to  use  ins  defined  by  the 
concentration  the  sc  called  hydrogen  ion  exponent,  pH,  v/hic 
following  equation: 


°H+  = 


10-pH 


From  this  equation  it  follows  that  the  hydrogen  ion  exponent  is  equal  to  the 
logarithm  of  the  hydrogen  ion  concentration  with  a  reversed  sign* 


pH  =  -log  Cjj*- 


When  the  hydrogen  icn  concentration  in  a  solution  becomes  ten  times  smaller  this 
corresponds  to  the  hydrogen  ion  exponent  becoming  1  bigger  (-log  1/10  =  1 )  and 
when  the  hydrogen  ion  concentration  becomes  half  as  big  this  corresponds  very 
closely  to  the  hydrogen  ion  exponent  becoming  0.3  "bigger  (-log  -g*  =  0.301)  and 
so  on. 


The  hydrogen  ion  exponent  scale  at  ordinary  tenperatures  conprises  the 
figures  from  zero  to  14.  The  figure  zero  corresponds  to  a  1  molar  hydrogen  ion 
solution.  The  figures  from  zero  to  7  represent  acid  solutions.  The  figure  7 
corresponds  to  a  completely  neutral  solution  and  the  figures  from  7  to  14 
represent  basic  solutions.  The  nearer  the  hydrogen  ion  exponent  lies  tc  7  the 
more  neutral  is  the  solution.  The  following  figure  gives  a  survey  of  the 
hydrogen  ion  exponent  scale. 
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A  range  of  methods  have  been  developed  for  the  determination 
ion  exponent  in  a  solution,  of  which  especially  the  colorimetric 
metric  methods  have  great  applicability. 


of  the  hydrogen 
find  the  electro— 


In  the  colcrimetric  method  the  hydrogen  ion  exponent  is  ^  -u 

observing  the  colour  of  an  indicator  dye  stuff,  e.g.  litmus  in  5? 

An  indicator  dye  stuff  is  a  hub  stance  which  has  different  ccl  •  solutlon» 
basic  solutions.  The  change  from  one  colour  to  the  other  dc>0UrS  ^  acid  and 
take  place  exactly  at  the  neutral  point  and  in  general  it  doe^V^  +  fnerally 
suddenly  at  a  particular  hydrogen  ion  exponent.  A  smooth  chLr/  V,  place 
a  range  on  the  hydrogen  ion  exponent  scale  of  about  2  units  fnrT  +u  SS  place  01 
basic  cclcur.  The  change  over  range  for  seme  of  the  more  w?*  acid±G  to  ■ 
given  in  the  following  comparison.  f^rxant  indicators 
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Change-over  range  on 
the  Ph  scale 


Methyl  Orange 


3.1  -  4.4 


Methyl  Bed 


4.2  -  6.3 


p-Nitrophenal 


5-7 


Litmus 


about  6-7 


Bo sol  acid 


6.9  -  8 


a-Naphtholphthalein  7*3  -  8*7 


Phene  lphthal  ein 


8.3  -  10.0 


If  an  indicator  shows  a  change-over  colour  in  a  solution,  a  mixed  colour,  one  can 
judge  the  hydrogen  icn  exponent  in  the  solution  from  the  shade  which  it  has.  If 
the  indicator  on  the  other  hand  shows  the  pure  acidic  or  basic  colour  this  is 
naturally  not  possible.  One  only  discovers  on  which  side  of  the  indicator's 
change-over  range  the  hydrogen  icn  exponent  of  the  solution  lies,  but  not  how  far 
it  lies  from  it.  An  indicator  can  therefore  be  used  for  the  determination  of  the 
hydrogen  icn  exponent  only  within  its  change-over  range*  However  as  the  change¬ 
over  ranges  for  the  indicators  mentioned  above  together  cover  the  whole  range 
from  3-10  one  can  always  make  use  of  one  of  them  within  this  range* 

The  electrometric  method  is  used  to  determine  the  hydrogen  ion  concentration 
by  measuring  the  electrical  potential  of  a  platinised  platinum  electrode  which 
dips  into  a  solution  saturated  with  hydrogen,  against  one  or  another  comparison 
electrode  e.g.  a  so-called  calomel  electrode.  Since  platinum  acts  as  a  catalyst 
for  hydrogen  the  latter  will  be  activated  at  the  surface  of  the  platinum  and  in 
the  presence  of  hydrogen  the  platinum  electrcde  will  therefore  behave  as  a 
hydrogen  electrode.  As  a  result  of  this  the  potential  of  the  electrcde  will  be 
dependent  on  the  hydrogen  icn  concentration  in  the  solution  in  accordance  with 
the  theory  for  electrode  potentials  due  to  Nemst,  in  the  following  manner: 


E  =  Sq  -  0,0577  log  %+■ 


Here  E  is  the  measured  potential  and  Eq  is  a  constant  the  value  of  which 
depends  on  the  comparison  electrode  employed*  The  figure  0*0577  is  valid  at  18C 
(at  T°C  one  must  use  0,0541  +  0.0002T);  from  this  equation  we  find  for  the 
determination  of  the  hydrogen  ion  exponent 


PH  =  "  log  Ofj+  "  (E  -  Eq)/0,0577 


and  significance  we  may  refer  to  the  literature^ 1 

2*  On  the  use  of  the  hydrogen  ion  exponent  as  a  measure  for  the  reaction  of  soil 

V/hile  the  hydrogen  ion  exponent  is  vat  bout  doubt  an  excellent  measure  for 
the  acidic,  basic  cr  neutral  reaction  of  a  solution  it  is  somewhat  more  doubtful 
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If  this  quantity  can  give  just  as  valuable  a  measure  for  the  acidic  or  basic 
nature  cf  a  sample  cf  compact  soil.  If  the  earth  111  a  gaven.^^1^y+iS  mca®t. 

It  is  true  that  one  can  define  the  instantaneous  degree  of  acidity  ^hesoil  by 
the  reaction,  the  hydrogen  ion  exponent,  which  the  moisture  in  the  soil  has  at 
ajly  Given  moment,  and  the  instantaneous  state  of  acidity,  defined  m  s  way 
■will  undoubtedly  prove  in  the  future  to  be  a  quantity  winch  is  of  great  importance 
for  the  characterisation  of  the  state  of  the  soil  but  the  hydrogen  ion  exponent 
of  the  moisture  in  the  soil  vd.ll  vary  in  a  given  locality  with  external  condi¬ 
tions  e.g.  with  the  degree  of  moisture  of  the  soil,  with  the  tune  the  soil  has 
been  moist,  with  the  carbon  dioxide  content  of  the  air  in  the  soil,  with  the 
temperature,  and  perhaps  it  will  often  be  different  at  the  surfaces  or  the 
different  types  of  particles  of  which  the  soil  is  composed,  and  sc  on.  Therefore 
the  reaction  of  nrdsture  in  the  soil  at  a  mcment  chosen  at  random  mil  hardly  give 
a  satisfactory  expression  for  even  the  degree  of  acidity  of  the  compact  seal. 


One  can  naturally  agree  to  carry  cut  the  determination  of  the  degree  of 
acidity  of  a  sample  of  soil  by  treating  the  soil  with  water  in  a  carefully  defined 
manner  and  determining  the  hydrogen  Ion  exponent  in  this  aqueous  solution.  .  pi 
this  manner  cne  would  probably  succeed  in  getting  a  well  defined  characteristic 
measure  for  the  degree  of  acidity  of  a  sample  cf  conpact  soil,  but  this  measure 
will  not  give  an  expression  for  all  the  hydrogen  ion  exponents  which  the  moisture 
in  the  sample  of  soil  in  question  will  have  in  the  course  of  the  year  with 
changing  climatic  and  biological  conditions,  and  therefore  it  does  not  provide  us 
with  an  exhaustive  specification  of  the  state  of  acidity  of  the  soil  in  question. 
In  what  follows  when  we  speak  of  the  reaction  of  a  sample  of  compact  soil  we  are 
thinking  of  the  hydrogen  ion  exponent  in  an  aqueous  extract  of  soil  obtained  in  a 
suitable  manner. 


The  difficulties  in  the  definition  of  the  reaction  of  a  sample  of  soil 
described  above  will  probably  only  prove  inconvenient  when  we  are  concerned  with 
determining  slight  differences  in  the  degree  of  acidity  of  the  soils.  In  most 
cases  there  will  be  no  difficulty  in  practice  in  measuring  the  reaction,  but  we 
must  not  think  that  by  determining  the  reaction  we  can  characterise  the  acidic  or 
basic  properties  of  the  earth  in  an  exhaustive  manner.  As  well  as  the  reaction 
itself  we  need  to  knew  the  strength  with  which  the  earth  maintains  its  reaction  on 
addition  of  acids  or  bases.  An  example  will  most  easily  shew  which  phenomenon  is 
under  consideration  here.  A  1  molar  solution  of  acetic  acid  which  is  also  1 
nolar  with  respect  to  sodium  acetate  has  a  hydrogen  icn  exponent  of  4.7.  A 
solution  of  hydrochloric  acid  which  is  10””* A. 7  =  0,00002  molar  has  the  same 
hydrogen  ion  exponent.  But  while  these  twe  solutions  have  the  same  reaction  they 
maintain  it  with  very  different  strengths.  An  exceedingly  small  quantity  of  base 
(0  2  co  of  0.1  normal  base  per  litre)  is  sufficient  tc.  neutralise  the  hydrochloric 
acid  whereas  addition  of  this  amount  of  base  tc  the  acetic  acid  solution  will  only 
cause  a  trifling  amount  (l/50C$)  of  the  acetic  acid  to  be  converted  to  the  acetate 
hereby  the  hydrogen  ion  exponent  is  not  significantly  changed.  For  its  complete 
eutralisation  the  acetic  acid  solution  needs  50,000  times  as  much  base  as  the 
bvdrochloric  acid.  The  fact  is  that  the  acid  hydrogen  of  the  hydrochloric  acid 
ny1  ticn  is  exclusively  conposed  of  the  free  hydrogen  ions  which  are  present  in 
i  uiion  while  the  acetic  acid  solution,  as  well  as  containing  the  same 
thS  S*  of  hydrogen  ions,  contains  a  very  large  amount  of  acid  hydrogen  in  the  form 
arcur\.  oC dated  acetic  acid.  Undissc dated  acetic  acid  reforms  hydrogen  ions  by 
of  un  . 3  when  the  addition  of  base  removes  these  already  present.  The  acetic 
dissocia  .  ntB  ccntent  of  undissociated  acetic  acid  thus  acts  as  a  buffer  against 
acid  s^?.u  0p  ike  hydrogen  ion  exponent  on  the  addition  of  base.  In  a  similar 
alteratio  ^^iiTn  ^date  present  acts  as  a  buffer  on  the  addition  of  add  and 

rnartner  0  teration  of  the  reaction  which  sets  in. 
reduces  the  aie 
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5*  Titration  acidity  and  titration  basicity 

Tc  get  a  measure  fcr  the  strength  with  v/hich  a  sample  of  soil  maintains  its 
reaction  one  can  determine  the  amount  of  acid  and  base  which  the  sample  of  soil 
in  question  is  in  a  position  tc  neutralise ,  rr  rather  the  amount  of  acid  or  base 
which  must  be  added  to  change  the  reaction  from  that  prevailing  to  certain  other 
points  on  the  reaction  scale ,  e,g,  tc  the  change-over  point  of  phenolphithaleiE 
(PH  -  9)  or  tc  that  of  methyl  orange  (p^  -  3.5)  .  The  base-combining  power  of 
a  sample  cf  sell  determined  in  this  way  is  called  its  titration  acidity  and 
correspondingly  the  acid-ct.  mbining  power  of  a  soil  is  called  its  titration 
basicity,  cr  more  briefly  its  acidity  and  basicity.  The  greater  the  acidity 
and  basicity  are,  the  more  strongly  will  the  sell  maintain  its  reaction  on  the 
addition  of  base  and  acid  respectively*  Vdien  one  determines  acidity  and 
basicity  by  titration  tc  one  and  the  same  reaction  point,  a  sell  can  naturally 
only  have  either  acidity  or  basicity  but  one  must  not  be  led  to  believe  from 
this  that  a  soil  cannt  t  simultaneously  possess  powers  tc  combine  with  both  bases 
and  acids.  If,  for  example,  one  determines  the  acidity  by  titrating  to  the  end¬ 
point  of  phene  lphthalein  (p^  =  9),  and  the  basicity  by  titrating  to  the  end¬ 
point  of  methyl  orange  (pjj  =  3-5),  the  majority  of  soils  will  show  both 
appreciable  acidity  and  basicity. 

The  reaction  of  a  solution,  defined  by  the  hydrogen  ion  concentration,  has 
been  very  suitably  called  the  actual  degree  cf  acidity  of  the  solution,  while  the 
acidity  determined  by  titration  has  been  called  the  potential  degree  of  acidify 
of  the  solution,  While  the  first  quantity  gives  how  many  hydrogen  ions  there  are 
free,  that  is  to  say  actual,  the  latter  gives  how  many  hydrogen  ions  the  solution 
can  give  up  to  the  neutralisation  of  a  base,  that  is  to  say  how  many  there  are  to 
be  found  potentially* 

The  determination  of  the  reaction  has  also  often  been  called  the  qualitative 
determination  uf  the  degree  of  acidity,  and  determination  of  the  titration  acidity 
has  been  known  as  the  quantitative  determination  of  the  degree  of  acidity* 

These  descriptions  however  are  rather  misleading,  for  both  determinations  can  be 
carried  cut  quantitatively  and  they  represent  different  aspects  of  the  state  of 
acidity  of  a  soil,  A  reaction  determination  and  an  acidity  determination  cannot 
usually  replace  each  other  but  supplement  each  ether  perfectly. 

The  reaction  and  the  acidity  or  basicity,  as  the  case  may  be,  are,  when 
determined  In  a  suitable  manner,  both  cf  great  practical  interest.  It  is  pre¬ 
sumably  the  reaction  cf  the  soil  which  determines  the  instantaneous  course  of 
chemical  and  biological  processes  in  the  sell,  the  ccagulation  cf  colloids,  the 
tendency  cf  the  soil  tc  granular  or  crumbling  structure,  bacterial  flora,  the 
suitability  of  the  soil  for  different  types  of  plants,  and  so  u-n*  In  this  way 
it  is  the  reaction  which  determines  whether  immediate  marling  is  necessary  but 
it  is  a  suitably  carried  cut  determination  cf  acidity  which  must  give  us  an  idea 
of  the  amount  of  marl  which  must  be  added.  Similarly  by  determining  the 
basicity  of  the  soil  in  a  suitable  manner,  cne  obtains  a  measure  cf  the  time  an 
which  the  soil  will  be  in  a  position  tc  keep  a  suitable  reaction  for  plant  growth 
from  the  print  of  view  of  acid  production  by  the  plant  growth  and  by  the  action 
of  micro -organisms.  The  basicity  cf  the  soil  also  determines  the  amount  cf  acid 
(or  physiologically  acid)  manures  which  the  soil  can  tolerate. 

When  one  goes  through  the  methods  which  are  used  for  the  determination  of 
the  acidic  and  basic  nature  of  soil  it  is  found  that  almost  without  exception  they 
depend  on  the  measurement  of  one  cf  the  above  mentioned  three  quantities:  the 
reaction,  the  acidity  or  the  basicity.  In  the  following  summary  of  the  methods 
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used  we  have  had  much  help  from  a  paper  "by  Harald  (2) 

gations  of  Methods  for  the  Determination  of  the  Reaction  o 


Investi- 


4*  Methods  used  for  the  determination  of  the  acetic  or  basic  properties  of  soil 

of  -  T^e  ma'jority  of  methods  which  are  given  for  the  ^f^'^^g^e^eaction^y011 
of  soil  are  qualitative  in  that  in  them  cne  makes  d<*  'a  ®.  .  the  case  T/ith  +v,0 

an  expression  such  as  strongly  acid,  weakly  basic  etc.  tost  and  p- 

ordinary  litmus  paper  test,  with  H.  E.  Christensen 's( 3)  litmus  test  an^  P 

nitrophenyl  test,  Baumann  and  Gully'  sW  icdide-iodate  test^  Weib^l  s  ^  ghyl 
red  test,  and  Loot's  nitrite  test  as  modified  by  DaikuW' *) .  Only ^^ly  has 

reaction  been  determined  quantitatively  by  electrometric  or  co  1+. 

ments  of  the  hydrogen  ion  exponent  in  suitable  soil  extracts  an  S 

difficulties  sire  still  far  from  overcome.  The  electrometric  me  o  s 
have  been  first  used  by  Saideiw)  in  1913  and  s:mce  then  has  been  usea  oy 
G-.  Fischert§;^  H.  R.  Christensen(9)  9  H.  KappenOo),  L.  J.  Gillespie  an  y 

Sharp  and  HoaglandA  1 2 )  #  Colorimetric  . measurements  Have  been  made  by 

L.  J.  Gillespie(^3)  and  by  F.  W.  MorseO^).  Conner^ 5;  has  used  a  catalytic 
method  for  the  determination  of  the  reaction  in  soil  extracts  in  that  he  has 
measured  the  speed  of  hydrolysis  of  ethyl  acetate.  This  speed  is  proportional 
to  the  hydrogen  icn  concentration  of  the  extract.  The  early  attempts  of  Tacke 
and  Silchting U  6 )  to  use  the  speed  of  inversion  of  cane  sugar  in  a  similar  manner 
did  not  lead  to  any  useful  result. 


In  the  majority  of  methods  for  the  determination  of  titration  acidity  one 
measures  the  amount  of  lime  required  to  neutralise  the  soil.  This  is  naturally 
also  the  roost  accurate  since  in  practice  one  always  uses  lime  to  neutralise  acid 
earths.  Probably  the  oldest  of  these  methods  is  due  to  TackeU7)  who  determines 
the  amount  of  carbon  dioxide  emitted  when  the  soil  is  washed  in  water  containing 
an  excess  of  calcium  carbonate  and  passes  a  stream  of  hydrogen  through  the 
solution.  In  the  carbon  dioxide  driven  off  one  has  a  measure  for  the  amount  of 
lime  the  soil  was  able  tc  take  up.  The  method  was  later  improved  somewhat  by 
Suchting08)#  VeitchU9)  determines  the  amount  of  lime  water  which  can  just  be 
neutralised  by  the  soil  when  heated  on  the  water  bath,  using  phenolthalein  as 
indicator.  Hutchinson  and  Mackennanv 20 )  determine  the  amount  of  lime  which  is 
neutralised  by  treating  the  soil  with  a  calcium  bicarbonate  solution  at  ordinary 
temperatures,  by  titrating  the  excess  calcium  bicarbonate  with  hydrochloric  acid 
using  methyl  orange  as  indicator. 


Albert  •  s method  is  of  a  different  type.  Ih  it  the  amount  of  aimonia 
with  which  the  soil  can  combine  is  determined  by  distilling  the  soil  .  ‘  “ 
mixture  of  ammonium  chloride  and  baryta  water  and  titrating  the  ^  ^  , 

distills  over.  m  this  »ay  if  less  asmonia  astUls  Sta '"'1Ch 
chloride  and  baryta  water  give  without  the  addition  of  the  soil  ° 
base-combining  and  the  deficit  is  a  measure  of  its  aciditv  <5  ’  the^  the  so11  “ 
with  the  determination  of  the  amount  of  base  which  a  suitahl  „  °Y  me'^hods  mkc  ^ 
neutralise.  Since  usually  not  only  the  first  but  also  sue ^  3011  Can 
soil  need  base  for  their  neutralisation,  it  is  usual  to  eo™ e3rtracts  cf  the 
from  the  first  extract  to  that  corresponding  to  a  complete  Jt  th®  acidity  found 
cation  by  a  suitably  chosen  factor.  Hopkins,  Knox  and  PettiJ(22Va0n  by 
amount  of  sodium  hydroxide  required  to  neutralise  an  eacfcnT  +  .  determined  the 

sodium  chloride  (indicator  phenolphthnlein).  Doikuhara(23)  of  the  soil  with  5% 

A  mninr  nntassium  chloride  instead  of  93?  sodium  suggests  the  use  of 

Baumann  and  Gully V2^) 


soul uui  wuwx—  v~—  *  v  v  '  J  *  y* 

i  molar  potassium  chloride  instead  of  %  sodium  chloride  w  ,01  , 

use  an  extract  of  the  soil  with  10f0  calcium  acetate  and  +i  +  I™0™  and 

hydroxide  (indicator  phenolphtholeir).  Loew(25)  sugeest., titrate  this  with  sodium 
potassium  acetate  for  the  extract.  Sg  ts  the  use  of  1%  sodium  or 
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_  approximate  determination  cf  the  titration  "basicity  of  the  soil  results 
r cm  the  many  different  methods  for  the  determination  of  the  soil’s  content  of 
calcium  and  magnesium  carbonates 9  since  the  content  of  these  substances  will 
usually  give  quite  closely  the  amount  of  acid  they  can  neutralise.  The 
determinations  cf  the  basicity  which  one  obtains  v/ith  the  help  of  the  lime  and 
magnesia  which  are  soluble  in  ammonia  chltride^) ,  in  ammonium  nitrate  or  in 
acetic  ach3A  w  J  are  of  a  similarly  indirect  nature,  Xnunendorff T  s(  28)  method  gives 
a  direct  measure  for  the  basicity;  it  consists  of  boiling  the  soil  with  very 
dilute  sulphuric  acid  and  determining  in  the  filtrate  how  much  acid  the  sell  has 
combined  with,  by  titration  with  sodium  hydrrxide,  The  method  nf  Stutzer  and 
Hartlebv  - ,  in  which  one  titrates  the  amount  cf  ammonia  which  distills  over  on 
belling  the  soil  with  ammonium  chloride ,  also  gives  a  direct  measure  for  the 
basicity.  If  Albert’s  above  mentioned  method  for  the  determination  of  the 
acidity  gives  mere  ammonia  with  soil  than  without  soil  in  this  way  one  also  has  a 
determination  of  the  basicity. 

A  few  methods  have  been  used  fnr  the  investxgaticn  cf  the  acidic  and  basic 
properties  of  soils  which  cannot  be  really  classified  under  the  headings  of 
reaction,  acidity  cr  basicity,  but  this  is  because  the  results  of  these  methods 
depend  cn  other  factors  as  well  as  the  state  cf  acidity  in  the  soil.  In 
reality  this  is  even  the  case  in  the  indirect  methods  mentioned  earlier  for  the 
determination  of  the  basicity  cf  the  soil  from  its  carbonate  content  or  from  the 
amounts  of  lime  and  magnesia  which  are  soluble  in  ammonium  salts.  This  also 
applies  to  H,  R,  Christensen’s  azctcbacter  test^O)  s ince  according  to 
Bondorff }  the  appearance  cf  the  azctobacter  film  requires  the  presence  of 
calcium  salts  as  well  as  a  suitable  hydrogen  ion  concentration.  The  older  tests 
for  humus  acids,  in  which  one  observes  the  colour  of  an  extract  cf  the  soil  with 
aqueous  ammonia,  or  weighs  the  amount  of  substance  dissolved  in  aqueous  ammonia, 
are  not  direct  determinations  of  acid  either.  Similarly  conductivity  measure¬ 
ment  does  net  give  a  measure  for  the  reaction  of  an  extract  of  sell  and  still 
less  a  measure  for  the  acidity  of  the  soil (32)  unless  one  only  makes  use  of  the 
changes  in  the  conductivity  on  the  addition  of  acid  or  base  as  an  indicator 
Instead  of  ordinary  dye  stuff  indicator.  In  this  case  it  becomes  an  ordinary 
titration  acidity  of  basicity  that  one  determines t 3?) 


5.  The  complete  expression  for  the  acidic  and  basic  properties  of  a  soil 

Those  figures  which  one  finds  for  the  acidity  and  basicity  of  a  sample  of 
sell  by  the  different  titration  methods  suggested  are  not  mutually  in  agreement. 
In  general  it  is  necessary  in  each  individual  method  to  follow  very  carefully  the 
prescribed  procedure  with  reference  to  the  strength  and  amount  of  the  solution 
used,  the  duration  cf  the  treatment,  the  temperatures  used  and  sc  on,  if  con¬ 
sistent  results  are  desiredt?^).  This  is  partly  because  the  solubility  con¬ 
ditions  for  the  acidic  and  basic  substances  in  the  soil  do  not  play  the  same  part 
in  the  different  metheds,  but  mere  especially  because  these  points  on  the 
reaction  scale  tc  which  one  takes  the  soil  or  the  soil  extract  on  the  addition 
of  base  or  acid  are  at  different  hydrogen  icn  exponents  in  the  different  methods. 
Thus  in  Tacke’s  methed  one  determines  how  much  lime  can  be  taken  up  before  the 
acidic  reaction  becomes  so  v/eak  that  no  mere  calcium  carbonate  is  decomposed* 

In  VeitchTs  method  cue  determines  the  amount  of  lime  water  required  for  the  soil 
to  give  an  extract  which  reacts  alkaline  to  phene  Iphthalein,  i,e.  of  hydrogen 
icn  exponent  about  9,  after  the  soil  has  been  heated  with  the  lime  water.  In 
MacLennan's  and  Hutchinson’s  methed  is  determined  hew  much  lime  is  to  be  added 
before  the  soil  has  beccme  sc  weakly  acid  that  it  cannct  release  mere  carbon 
dioxide  from  a  solution  of  calcium  bicarbonate  containing  carbon  dioxide.  It 
is  not  tc  be  expected  that  the  neutral  points  obtained  in  such  different  metheds 
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i  the  temperature 

should  vrinc±&e>  Finally  it  may  be  mentioned  ^  ^  determination  of  the 

duration  of  the  treatment  play  a  significant  rt  ^  _  SJ?C  frequently  found  sub- 
titration  acidity  and  the  titration,  basicity  as  '  +  ±CIX  which  are  only  in  a 

stances  in  the  soil  with  m:re  or  less  hidden  jfadntire^ ^5 )  distinguishes 

position  to  neutralise  base  or  acid  slowly,  ^iU5  _  rancium  carbonate  and  its 
"between  the  sc  11*3  ins  tan  tan  ecus  powers  to  deocmpcs  .  ^  stfter  the  first 
powers  to  continue  this  decomposition  for  a„  ^per(36)  distinguishes  in  a  similar 
immediate  deccmpo  siticn  has  taken  place  $  and  Truog  raiise  baryta  water 
manner  between  the  active  acids  of  the  soil  which  ne  a  neutralising  wav. 

immediately  and  its  latent  acids  which  unly  gradually 

,  a-  ^  nne  must  titrate f  to  obtain 

It  is  not  easy  tc  say  to  which  reaction  poin  -  the  soil  to  maintain 

the  acidity  and  basicity  which  best  express  the  P  *  _  titration  will  never 

its  reaction,  its  buffer  content.  On  the  whole  ^  sthe  different  titrations 
give  an  exhaustive  expression  of  this  power.  owledge  of  the  buffer- 

gives  its  greater  or  smaller  contribution  but  a  .  ^^11  the  reactions 

action  of  the  soil  is  first  obtained  when  one  has  d  added  to  it. 

which  the  soil  shows,  gradually  as  more  and  more  base  o  which  we  have  tried 

In  Figure  1  are  reduced  the  results  of  seme  experiments  in  ^ich  we  nave  tried 

to  gain  just  such  a  further  knowledge  of  the  acidic  and  basic  P-pertaes  tftwo 
different  soils.  Cne  is  a  neutral  garden  soil  and  the  other  a  strongly  acid 
sub -sell  from  a  f*rest  beg* 

10  grammes  cf  soil  were  suspended  in  25  cc*  0,1  normal  potassium  chloride 
and  the  hydrogen  ion  exponent  in  the  solution  was  determined  electrometrically 
both  on  the  addition  of  increasing  amounts  cf  0.1  normal  hydrochloric  aoid and 
on  the  addition  cf  increasing  amounts  of  0.1  normal  sodium  hydroxide, 
titration  curves  obtained  in  this  way,  which  are  shewn  in  Figure  1 ,  “-iter  iron 
each  other  in  a  characteristic  manner  and  give  us  a  far  deeper  insight  into  the 
powers  of  the  soils  to  neutralise  acids  and  bases  than  determinations  cf  acidity 
and  basicity  by  one  cf  the  older  methods  would  give.  At  this  stage  we  shall  not 
discuss  the  significance  cf  the  shapes  of  the  curves  but  introduce  them  here  only 
tc  shew  hew  complicated  a  complete  experimental  explanation  of  the  state  of 
acidity  of  the  soil  is  in  reality*  It  mist  be  berne  in  mind  that  not  even  the 
knowledge  of  a  single  ccn^lete  titration  curve  means  that  cne  has  understood  the 
state  of  acidity  in  the  soil  completely.  The  shape  of  a  titration  curve  depends 
especially  on  the  nature  of  the  acid  or  base  added  (insofar  as  the  insoluble  salts 
are  fc  rmed),  on  the  duration  of  the  treatment 9  the  ameunt  of  water  used,  the 
temp era tore,  and  on  whether  there  has  been  nr  re  or  less  complete  removal  of  the 
free  carbon  dioxide  present  or  net* 

It  seems  tc  us  from  these  considerations  that  we  have  brought  to  a  vivid 
realisaticn  that  a  thorough  knowledge  cf  the  degree  cf  acidity  cf  the  soil  by 
purely  empirical  means  can  only  be  obtained  from  a  large  number  of  experiments 
sind  cannot  be  expressed  by  a  single  or  a  few  figures. 

yx£eri  montal  programme 

If  one  cculd  discover  those  substances  which  determine  the  state  of  acidity 
0f  the  soil  and  by  studjdng  them  could  discover  the  law  through  which  they 
determine  the  hydrogen  ion  concentration  cf  the  soil  nristaire,  it  is  clear  that 
one  could  get  a  simple  and  yet  thorough  knowledge  of  the  state  cf  acidity  of  the 
sell  by  defer miniJig  the  ameunt  of  these  substances  in  a  sample  of  sell.  Such  a 
knowledge  would  probably  also  simplify  a  specification  of  what  one  should  do  when 
QXie  wishes  tc  determine  by  a  single  titration  how  much  calcium  carbonate  should  U 
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added  tc  the  soil  on  marling.  Presumably  one  must  approach  the  problem  in 
‘fferent  ways  for  the  different  types  of  soil  the  acidity  of  which  is  due  to 
different  reasons. 

Those  substances  which  determine  the  acidic  or  basic  properties  of  a  soil 
are  firstly  carbonates  (especially  calcium  and  magnesium  carbonate),  next 
silicates  (especially  the  very  watery  easily  decomposable  ones,  the  metal  atoms 
of  which  can  be  exchanged  on  shaking  with  salt  solutions),  also  hydroxides  (e.g. 
ferric  hydroxide  and  aluminium  hydroxide)  and  sulphides  (such  as  e.g.  sulphur 
pyrites  the  weathering  of  which  produces  acids),  and  finally  the  humus  sub¬ 
stances.  As  a  beginning  we  have  investigated  in  the  following  paper  hew  a 
content  of  calcium  carbonate  determines  the  reaction  of  the  soil  moisture.  It 
is  possible  to  give  an  explanation  of  this  from  the  more  recent  chemical  theories, 
and  we  have  confirmed  the  correctness  of  this  explanation  by  a  series  of  experi¬ 
ments  which  it  is  hoped  will  throw  light  on,  and  illustrate  the  understanding  of 
the  theory. 
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PART  II 


The  theory  of  the  reaction-determining  effect  of  calcium  carbonate 

When  a  soil  contains  calcium  carbonate  it  cannot  become  strongly  acid  even 
if  acid  production  takes  place  in  it,  for  the  acid  formed  will  react  with  the 
calcium  carbonate  to  form  carbon  dioxide,  water  and  a  calcium  salt*  However  the 
soil  moisture  will  net  have  a  definite  hydrogen  ion  exponent  characteristic  for 
calcium  carbonate ,  since  calcium  carbonate  does  not  have  such  a  characteristic 
reaction*  The  hydrogen  ion  exponent  in  a  solution  saturated  with  calcium 
carbonate  depends  on  the  amount  of  dissolved  calcium  salt  present  and  on  the 
amount  of  carbon  dioxide  present,  or  more  precisely  on  the  calcium  ion  concen¬ 
tration  in  the  solution  and  its  carbon  dioxide  pressure*  This  can  be  seen  in 
the  following  manner* 

The  chemical  process  by  which  calcium  carbonate  removes  hydrogen  ions  from 
an  acid  sclution  can  be  written  in  the  following  manner: 


2  +  CaC03  -  Ca++  +  002  +  H20 


The  hydrogen  ions  from  an  acid  formed  in  the  soil  will  react  with  the  calcium 
carbonate  according  to  this  equation  until  chemical  equilibrium  is  set  up  between 
the  hydrogen  ions  and  the  calcium  carbonate  on  the  one  side  and  the  calcium  ions, 
the  carbcn  dioxide  and  the  water  on  the  other  side*  For  such  a  chemical  equil¬ 
ibrium  the  law  of  mass  action  holds,  which  states  that  the  following  fraction  has 
a  definite  constant  value: 


- 


(1) 


aCa++  *  aC02  * 


Here  the  a's  indicate  the  appropriate  substances'  active  masses  or  activities. 

As  a  measure  for  the  activity  of  volatile  substances  one  can  use  their 
vapour  pressures  over  the  sclution.  The  activity  of  the  water  can  therefore  be 
set  equal  to  p/p0  where  p  is  the  vapour  pressure  cf  the  solution  and  p  that  of 
pure  water.  If  the  sclution  (the  soil  moisture)  is  rather  dilute  one^can  set 

p/pc  equal  to  1  and  it  can  be  left  out  as  a  factor.  The  activity  cf  the  carbon 
dioxide  can  in  a  similar  manner  be  measured  by  p^,  the  carbcn  dioxide  pressure 

over  the  sclution  (the  partial  pressure  of  the  carbon  dioxide  in  the  soil  air) 


aH20  “  P/P0  =  Ga-  1,  a-C02  ~  P002 


ua.  *]  a. 


(2) 


Next,  the  activity  cf 
independent  cf  the  coraposit: 
stance  is  present  in  the  so! 
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Ka 

aCaC03 


(3) 


K, 


where  K  is  a  new  const ant ,  the  above  mass  action  equation  (l)  can  be  transformed 
to 

aH+  =  K  ’/aCa++  */PC02  *^/po  .  ^ 

As  an  approximate  measure  of  the  activities  of  dissolved  substances  we  can 
use  their  molar  concentrations  in  the  solution  (the  soil  moisture).  Designating 
these  molar  concentratic  ns  by  C^s  we  can  then,  when  we  alsr  introduce  p/p 0  =  1  , 
write  as  an  approximation  instead  of  (4) 

°H+  “  K  •  /°Ca++  •/  PCO2 .  (5) 


This  equation  shcvra  us  that  a  solution  which  is  in  equilibrium  with 
(saturated  with)  calcium  carbonate  has  a  hydrogen  ion  concentration  determined  by 
the  calcium  ion  concentration  and  the  carbon  die  xide  pressure  of  the  soluticn 
and  is  proportional  to  the  square  root  of  beth  these  quantities.  For  a  soil* 
this  means  that  the  less  the  dissolved  calcium  salts  present  are  v/ashed  nut,  and 
the  less  the  soil  moisture  and  the  soil  air  have  opportunity  to  give  up  their 
carbon  dioxide  by  ventilation  tc  the  atmosphere,  the  stronger  will  be  the  acid 
reaction  of  the  sell  even  if  calcium  carbonate  is  present  in  excess  in  it. 

The  constant  K  can  suitably  be  called  the  reaction  constant  of  the  calcium 
carbonate* 

The  considerations  presented  and  the  e  qua  tic  ns  developed  are  in  the  first 
place  only  binding  at  constant  temp  era ture.  The  quantity  K,  with  the  help  of 

which  one  can  calculate  the  hydrogen  ion  concentration  when  the  calcium  ion 
concentration  and  the  carbon  dioxide  pressure  are  known,  varies  slightly  with 
temperature*  In  the  following  we  have  determined  the  magnitude  of  K  at  18C 
as  1 0-5 * However  one  may  use  the  same  value  at  all  the  temperatures  which  a 
sell  has  in  our  climate  without  significant  error.  As  will  be  shown  later  log 
K  only  increases  by  0*0045  per  degree  which  corresponds  to  an  increase  in  K  cf 
about  1%  per  degree* 

In  the  second  place  It  must  be  mentioned  that  (5)  is  only  exactly  valid  for 
very  dilute  solutions,  since  jnly  then  can  one  set  the  activities  cf  the  ions 
equal  tc  their  concentrations*  Even  If  one  assumes,  as  we  shall  in  the 
fallowing,  that  the  calcium  salts  are  completely  ionised  in  an  exact  calculation 
une  must  take  note  of  the  influence  v/hich  the  electrical  forces  between  the  ions 
exert  on  their  activityO),  and  of  the  effect  of  the  hydration  of  the  icns^2J* 

We  shall  call  the  activity  calculated  for  an  ion  assuming  it  net  tc  be  hydrated 
its  apparent  activity  (a),  and  the  ratio  between  this  quantity  and  the  molar 
concentration  of  the  ion  (C)  we  shall  call  the  apparent  activity  coefficient  of 
the  ion  (Fa)>  Then  the  following  is  valid: 

aHt  ~  °B+  (^+)  aCa++  ^a  . .  (6) 
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2. 


In  equation  (4)  it  is  the  apparent  activities  of  the  ions  which  are  used  a_r4 
rcm  this  equation  we  can  v/ith  the  intrc  duct  ion  of  equation  (6)  derive  the 
allowing  exact  expressions  for  the  apparent  l\ydrogen  ion  activity  and  the 
hydrogen  ion  concentration: 


°jj+  =  K  ^  f^z  Vp/Po  J Fa(Ca++)  .  (?) 

<*  ■  . (e> 

In  very  dilute  solutions  the  activity  coefficients  are  equal  to  1  and  the 
same  expression  results  for  ayj+  and  Gjj-h#  In  concentrated  solutions  the  activity 
cc  efficients  are  not  equal  to  1  and  the  apparent  hydrogen  ion  activity  and 
hydrogen  ion  concentration  are  then  different. 

It  is  probable  that  the  course  of  certain  reactions  ,  reactions  in  which 

the  hydrogen  i^ns  act  catalytically,  is  determined  by  the  hydrogen  ion  concen¬ 
tration,  but  in  the  majority  cf  cases,  e,g,  in  electrometric  and  colorimetric 
hydrogen  ion  determinations,  it  is  the  apparent  hydrogen  ion  activity  of  the 
solution  which  is  the  controlling  factor  and  it  is  therefore  equation  (?)  that  we 
shall  need. 


Electrometric  determination  cf  the  hydrogen  icn  concentration  in  saturated 

solutions  of  calcium  carbonate 

7/e  have  first  posed  ourselves  the  problem  of  determining  experimentally  the 
value  of  K  in  equations  (5),  (7),  and  (8),  This  determination  has  been  carried 
cut  by  measuring  the  hydrogen  ion  concentration  in  solutions  of  calcium  chloride 
which  were  kept  saturated  with  calcium  carbcnate,  and  in  which  we  made  certain 
of  having  a  kncwn  carbon  dioxide  pressure  by  treatment  with  a  stream  cf  hydrogen 
of  known  carbon  dioxide  content.  That  a  state  cf  equilibrium  was  really  reached 
was  checked  by  adding  hydrochloric  acid  cf  the  same  normality  as  the  calcium 
chic  ride  used  and  observing  that  the  hydrogen  ion  concentration  subsequently 
settled  down  tu  the  same  value  as  before.  The  hydrochloric  acid  added  forms 
calcium  chloride  by  dissolution  of  calcium  carbonate  sc  that  the  concentration  of 
the  calcium  chloride  is  only  transiently  reduced  on  addition  of  the  hydrochloric 
acid. 


The  hydrogen  ion  concentration  in'  the  solution  was  determined  electro- 
metrically;  we  measured  the  potential  of  a  hydrogen  electrode  dipped  in  the 
solution,  against  a  calomel  electrode  with  3.5  molar  potassium  chloride.  The 
following  apparatus  was  used  for  the  determinations.  A  suitable  volume  of 
calcium  chloride  solution  (25  or  35  cc, )  and  1  gramme  calcium  carbonate  were 
placed  in  a  wide  gas  jar  which  held  about  150  cc.  A  brass  stirrer  running  in  a 
brass  bearing  passed  through  the  middle  of  a  tight  fitting  cork  and  ms  connected 
by  a  rubber  tube  with  a  glass  stirrer  which  agitated  the  solution  vigorously. 

To  prevent  metal  dust  and  grease  getting  into  the  calcium  carbonate  suspension  a 
brass  cup  was  screwed  onto  the  brass  stirrer  just  under  the  bearing,  Alsu 
passing  through  the  cork  were  inlet  and  outlet  tubes  for  the  hydrogen,  and  the 
outlet  tube  from  a  burette  containing  hydro chlcric  acid,  as  well  as  finally  a 
tube  filled  with  3.5  molar  potassium  chloride  by  which  the  hydrogen  electrode 
was  electrically  connected  vdth  the  calomel  electrode.  This  tube  was  draw  out 
to  a  jet  at  the  end  and  bent  upwards  so  that  the  heavy  3.5  molar  potassium 
chloride  solution  should  not  be  able  to  stream  out  into  the  calcium  chloride 
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solution  by  convection  from  the  pipette  tube.  Finally  the  extreme  end  of  the 
u  e  was  again  bent  downwards  to  prevent  suspended  calcium  carbonate  fmm 
collecting  in  the  upward  bent  tube.  A  little  diffusion  was  naturally  unavoidable 
u  it  can  ^nly  have  been  a  trifling  amount  of  potassium  chloride  which  was  able 
to  come  ^ut  intj  the  solution  in  the  course  of  the  experiment.  This  source  of 
error  was  without  doubt  of  nc  importance  except  perhaps  in  the  most  dilute 
solutions.  The  calomel  electrode  was  of  the  usual  Ostwald  type  and  was  prepared 
with  the  usual  known  precautions  from  Ostwald-Luther’s  Handbuch  zur  Ausfflhrung 
physikc-chemischer  Messungen  (Leipzig  1910).  The  hydrogen  used  was  prepared  by 
electrolysis  of  a  strong  solution  of  pure  sodium  hydroxide  and  for  safety’s  sake 
was  made  oxygen-free  by  passing  over  palladium  asbestos  which  was  held  at  350c  in 
an  electric  oven.  The  hydrogen  was  collected  in  a  gasometer  (spirometer)  and  to 
it  was  added  carbon  dioxide  in  the  desired  amount  from  a  common  gas  pipette 
whereupon  the  gas  was  mixed  with  the  help  of  a  stirrer  v/hich  passed  through  the 
top  part  of  the  spirometer. 

pie  apparatus  was  not  thermos  tatted  but  by  regulating  the  temperature  of  the 
rccm  it  was  ensured  that  the  temperature  was  constantly  in  the  neighbourhood  of 
18°  (deviating  at  most  1°  from  this). 

The  measurement  of  the  EMF  was  made  by  a  compensation  method  with  an 
arrangement  which  gave  an  accuracy  of  about  1  millivolt. 

A  stream  of  l\ydrogen  cf  30  -  40  cc.  per  minute  was  used  and  with  this  and 
with  the  stirring  used  (about  400  rpm)  a  potential,  constant  to  within  1  milli¬ 
volt,  was  usually  reached  in  the  course  of  an  hour  cr  les3. 

In  Tables  1-3  are  reported  the  potentials  which  were  found  after  they  had 
become  constant.  It  is  seen  that  the  values  of  the  potentials  obtained  after  the 
addition  of  hydro chloric  acid  usually  only  deviate  a  few  millivolts  fr^m  the 
potentials  found  directly  in  the  calcium  chloride  solutions.  Table  4  gives  a 
survey  of  the  values  of  the  potential  at  the  different  concentrations  of  calcium 
chloride  and  the  fifferent  carbon  dioxide  pressures.  These  values  are  calculated 
by  taking  the  mean  values  cf  Tables  1-3  except  that  a  single  value  in  brackets, 
which  deviates  considerably  from  the  others,  is  not  taken  into  consideration. 

By  the  electrometric  method  one  does  not  obtain  directly  the  hydrogen  inn 
concentration.  It  is  the  apparent  hydrogen  ion  activity  which  one  calculates 
from  the  usual  Items t  formula; 


log  aH+ 


E)  -  5 
0.0577 


(9) 


In  this  formula  E  is  the  measured  potential  and  Eo  is  a  constant  the  value 
of  which  determines  the  scale  on  which  the  activity  is  measured.  E^  equals  the 
potential  which  corresponds  to  hydrogen  ion  activity  1  and  it  can  be  determined 
by  measuring  E  in  a  solution  cf  known  hydrogen  ion  activity. 

rider  calculations  of  have  used  conductivity  measurements  of  degrees  «f 
dissociation  (ft40  and  the  hydrogen  ion  concentrations  calculated  v/ith  the  aid 
of  these  were  put  equal  to  the  hydrogen  icn  activity.  This  method  is  hardly 
correct.  Our  determination  of  Eo  is  carried  cut  in  the  following  manner.  We 
have  measured  the  potential  of  a  hydrogen  electrode  in  0.01  m.  HC1,  0.09  ra.  KC1 
against  a  5.9  molar  potassium  chloride  calomel  electrode  and  found  0,373  v*lt  at 
1 8r .  When  corrected  for  the  diffusion  potential  between  3.5  ®  KC1  and  0.01  m. 
HCL,  0.09  m.  KCL,  which  can  be  taken  as  0.6  millivolt,  we  obtain  0,3724  v^lt. 
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■The  hydrcgen  ion  activity  in  0.01  m,  Hd,  0,09  ni.  KC1  is  equal  to  0,01  Fa  where 
^  a*  the  apparent  activity  coefficient  of  the  hydrogen  ion  ^  1  n&rmal  ionic 

solution,  can  be  calculated  from  the  follovmig  fonnulaU),  valid  up  to  0,1  mclar 
iunic  normality: 


-  log  Fa  =  0* 2  VoTT  =  0,093  ,..,.*.*.4  (10) 

From  this  we  obtain 

E0  =  0.3724-  2.093  .  0.0577  =  0.2516  . .  (n) 


V7e  may  calculate  the  potential  which  a  0,1  normal  potassium  chloride 
calomel  electrode  shows  against  a  hydrogen  electrode  in  a  solution  with  hydrogen 
ion  activity  1  in  a  similar  manner  to  Sorensen1  s(4)  measurements  of  hydrogen 
electrode  pctentials  in  mixtures  of  hydrochloric  acid  and  sodium  chloride.  Thi: 
gives  0,3348  as  a  mean.  The  potential  difference  between  0,1  and  3*5  11 
potassium  chloride- calomel  electrodes  has  been  determined  experimentally  as 
0.0630  at  18c.  Fr^m  this  we  obtain 

Eq  =  0.3348  -  0.0830  =  0.2518  .  (12) 

In  the  following  we  shall  take  =  0,252, 

In  the  following  by  hydrogen  ion  exponent  Y/e  shall  understand  the  negative 
logarithm  of  the  apparent  hydrogen  ion  activity,  that  is  to  say  the  quantity 
-  log  a^+,  which  can  be  determined  el ectrc  metrically  since 


E-13o  E-  0.252 

Pn  =  -  log  V  -  0;057?  -  0,0577  .  C  3) 

In  Table  5  are  shewn  the  values  for  the  hydrogen  icn  exponent  which  with  the 
aid  of  Table  4  we  have  calculated  for  solutions  of  calcium  chloride  which  are 
saturated  with  calcium  carbonate  at  different  carbcn  dioxide  pressures-  The 
series  of  potential  measurements  in  v/hich  hydrogen  with  5$  carbon  dioxide  was 
used  have  been  converted  to  the  hydrogen  pressure  applicable  in  the  other  experi¬ 
ments  by  addition  of  1  millivolt.  From  Table  5  it  follows  that  calcium  carbonate 
suspensions  can  have  an  acidic  as  vrell  as  a  basic  reaction.  Suspensions 
ccrrespcnding  to  the  conditions  above  and  below  the  stepped  line  in  Table  4  will 
have  acidic  and  basic  reaction  respectively.  With  the  aid  of  equation  (15) 
below  it  can  be  cal  ciliated  that  a  calcium  carbonate  suspension  vrill  have  neutral 
reaction  at  a  carbcn  dioxide  pressure  0,009  atmospheres  when  the  calcium  ion 
concentration  is  uf  the  same  size  as  in  a  saturated  solution  of  Gypsum. 

Fcr  a  s^il  this  means  that  acid  reaction  is  not  tantamount  to  the  soil, not 
centaining  calcium  carbonate.  As  shewn  by  Christensen’s  and  Larsen’s  vrorkw) 
it  seems  almost  always  to  pr^ve  correct  that  a  soil  which  gives  acid  reaction  in 
the  litmus  test  needs  lime ,  i,e,  that  it  gives  results  on  the  addition  of  marl  in 
manuring  experiments.  Individual  exceptions  are  however  found.  If  a  soil 
shCY/s  neutral  reaction  in  the  litmus  test  then  this  test  gives  no  information  on 
the  soil ! s  lime  requirements,  according  tu  their  investigations.  In  about  50$ 
of  the  cases  there  were  no  results  on  lime  addition.  It  is  not  improbable  that 
ky  altering  the  carrying  out  cf  the  litmus  test  sc  that  this  will  always  be  made 
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at  a  definite  calcium  icn  ccncentration  and  a  definite  carbon  dioxide  pressure  it 
could  be  possible  tc  pronounce  with  greater  certainty  on  the  lime  requirements  of 
a  soil  by  this  test. 


The  solubility  cf  calcium  carbonate  in  solutions  containing  calcium  salts  at 
knrvm  carbon  dioxide  pressures 

It  is  now  required  to  use  the  values  of  pH  in  Table  4  to  calculate  K.  We 
shall  first  shew  how  Gne  can  obtain  an  approximately  correct  result  by  using 
equatiim  (5)  and  putting  pH  =  -  log  Cjj*.  Taking  logarithms  in  equation  (5)  and 
putting  in  pH  we  obtain 

-  loS  K  =  pH  +  £  leg  CCa++  +  i  log  pCo2  .  (14) 

The  calculation  of  log  PQO2  does  net  present  any  difficulties.  On  the  other  hand 
by  calculating  the  calcium  ion  ccncentraticn  we  cannot  just  set  this  equal  to  the 
concentration  of  the  calcium  chloride  since,  as  knewn,  calcium  carbonate  in  the 
presence  of  carbcn  dioxide  dissolves  slightly  as  bicarbonate.  It  is  however,  easy 
to  calculate  the  amount  of  the  dissolved  calcium  carbonate  from  Sohlosing1 
measurements  of  the  solubility  .of  calcium  carbonate  in  water  at  different  carbon 
dioxide  pressures.  Bcdlanderv?)  has  given  the  theory  for  Schlfising1  s  measure¬ 
ments,  In  the  following  we  give  a  new  calculation  of  Schlcsing^  measurements 
since  this  has  become  necessary  by  cur  altered  views  in  recent  times  of  the 
activity  conditions  cf  ions. 

In  a  solution  which  is  saturated  with  calcium  carbonate  at  a  definite  carbcn 
dioxide  pressure  there  must  be  equilibrium  between  the  bicarbonate  ions  on  the 
one  side  and  the  carbon  dioxide  and  the  solid  caloium  carbonate  on  the  other  side 
according  tc  the  equation: 


Ca++  =  2  HCO3-  =  CaCOj  +  CO2  +  H20 


When  we  ignere  the  change  in  the  activity  of  the  water,  which  is  very  small  in 
the  dilute  solutions  under  consideration  here,  the  law  of  mass  action  gives 


Ca++ 


•  4c0x 


PCO; 


=  K' 


(15) 


The  ionic  activities  (a)  can  be  calculated  by  multiplying  the  ionic  concen¬ 
trations  (c)  by  the  activity  coefficients  (Pa)  of  the  ions.  For  the  mono¬ 
valent  bicarbonate  icn,  as  an  approximation  for  the  activity  coefficient  *ne  may 

use  leg  F a  =  -  0,3  \fc±on>  for  activity  coefficient  of  the  divalent 

calcium  ion  one  may  use  log  Fa  =  2  •  °*3  3/sr„  in  which  0^cn  means  the  ionic 
normality  jf  the  solution(o). 


Hence  15  takes  on  the  following  form 


cCa+  +  •  c  HCO3-  „  5  3{7~ 

- —  =  K»  .  10‘*2  v/C ion 


Pco2 


(16) 
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Calling  c  -the  equivalent  concentration  of  the  dissolved  calcium  carbonate 
as  found  by  Schlosing  we  have* 


cCa++  =  i  c>  ®HCQy  _  c>  CIon  -  c  . 

.  Introducing  this  equation  and  taking  logarithms  we  may  write  equation  (l6) 
m  the  following  form 

3  log  c  -  log  pC02  -  1.2  -  log  2  =  log  K’  .  (18) 

Table  6  contains  the  values  for  log  K!  which  have  been  calculated  from  the 
determinations  of  solubility  of  Schlosing  using  this  formula.  The  mean  value 
for  log  K1  is  -5.641 .  However  since  Schlosing  worked  at  16°  and  we  at  18C  this 
value  must  be  converted.  This  is  done  with  the  aid  of  Wells 1  (determinations  of 
the  solubility  of  calcium  carbonate  in  water  at  temperatures  between  0  and  30° 
at  the  normal  carbon  dioxide  pressure  (0.00032  Atm.)  cf  the  atmosphere.  From 
the  curve  drawn  by  Wells  the  solubility  of  calcium  carbonate  decreases  from 
70  mg.  per  1  to  60  mg.  per  1  when  the  temperature  increases  from  10°  to  20°. 

This  corresponds  to  log  Kf  decreasing  0.20  which  again  corresponds  to  0.020  per 
degree.  Therefore  since  log  K!  at  16C  is  equal  to  -5.641,  at  18°  it  must  be 
equal  to  -5.681.  At  18°  Wells1  determinations  give  -5.657  but  we  prefer  to  use 
Schlfising^  value  since  it  is  based  upon  experimental  material  at  a  number  of 
different  carbon  dioxide  pressures. 

Knowing  the  value  of  kog  K1  it  is  easy  to  calculate  the  amount  cf  calcium 
carbonate  which  is  dissolved  in  calcium  chloride  solutions  (or  water)  at  a  given 
carbon  dioxide  pressure.  Calling  a  the  molar  concentration  of  the  calcium 
chloride  and  x  the  molar  concentration  of  the  dissolved  calcium  carbonate  the 
following  is  valid: 


°Ca++  =  a  +  x,  Ogoo^.  =  2x  and  CIon  =  2(a  +  x) .  (19) 

Introducing  this  into  16  we  obtain  for  the  determination  of  x 

leg  4(ap+  X)*2  -  1.2  \k(z  +  x)  =  log  K'  =  -5.681  ...  (20) 


H  It  is  assumed  here  that  the  amount  of  carbonate  icns  in  the  solution  is 
vanishingly  small  in  comparison  with  the  amount  of  bicarbonate  ions.  This 
assumption  is  a  good  approximation.  Taking  the  second  dissociation  constant 
of  carbonic  acid  as  10“1°»22  it  can  be  calculated  that  the  ratio  between  the 
carbonate  ion  and  the  bicarbonate  ion  in  the  experiment  of  Schlosing  where  the 
carbon  dioxide  pressure  is  lowest  (0.000504  Atm.)  and  that  where  this  ratio 
has  its  greatest  value,  is  only  about  0.01.  As  an  approximation  one  can 
write  for  Schlosing 's  experiments 


leg 


CC03~ 

°hco3- 


4.15 
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k*  Approximate  calculation  of  the  reaction  constant  K  of  calcium  carbonate 

of  equation  ( 20)  one  can  determine  the  amount  of  bicarbonate 
which  is  formed  in  the  experiments  of  Table  if.  The  equation  is  solved  easily  by 
successive  approximations,  to  the  accuracy  which  is  needed  to  knew  the  calcium  ion 
concentration,  a  +  x,  with  an  accuracy  of  about  0.2JS,  for  the  amount  of  dissolved 
calcium  carbonate  is  only  of  greater  influence  on  the  calcium  ion  concentration  in 
solutions  which  are  poor  in  calcium  chloride* 


In  Table  7  are  set  down  both  the  concentrations  of  the  calcium  ion  calcu¬ 
lated  in  this  way  and  the  values  of  log  K  calculated  from  equation  (14)  with  the 
aid  of  these  concentrations* 

Ihtact  calculation  of  the  reaction  constant  K  of  calcium  carbonate 


The  mean  value  for  log  K  from  the  18  determinations  in  Table  7  is  -5*11* 
Howe ver  the  formation  of  this  mean  value  is  not  really  justified  since  a  closer 
examination  of  Table  7  shews  that  the  value  of  log  K  increases  with  decreasing 
calcium  ion  concentration.  This  trend  disappears  when  we  carry  out  a  more 
accurate  calculation. 


The  quantity  which  we  determine  eleotrometrically  and  the  logarithm  of  which 
is  equal  to  -pn  is  the  so-called  apparent  hydrogen  ion  activity  afj+.  In  section  1 
we  have  derived  the  following  exact  equation  for  this  quantity 

aH+  =  K  .  J  CCa++  .yPc02  .  yp/pc  •  Fa  (Ca++)  .  (21 ) 

Taking  logarithms  of  this  equation  and  writing 

log  Fa  (Ca++)  =  -2.0 .3  3Jc^n  =  -  0.6  3j2C^+ 


and  p/po  =  1  and  remembering  that  -log  ajj+  =  pn  we  obtain 

log  X  =  -  PH  -  &  (log  QQa-H-  +  log  PQOg)  +  0.3  ^20^++  .....  (22) 

In  Table  8  are  given  the  values  of  log  K  which  result  from  the  introduction  of  the 
correction  term  0.3  20q&++. 


Excluding  the  values  for  0,5  m  Cadg,  the  other  values  of  log  K  vary 
irregularly  about  a  mean  value  and  do  not  show  greater  deviations  fron  the  mean 
than  one  would  expect  from  the  accuracy  of  the  experiments.  An  error  of  1  milli¬ 
volt  will  in  fact  give  an  error  of  about  0.02  in  log  K,  In  calculating  a  mean 
value  for  log  K  it  is  natural  only  to  use  the  measurements  made  in  solutions  of 
medium  concentration.  In  the  weaker  solutions  both  the  calculation  of  calcium  ion 
concentration  and  the  measurements  of  potential  are  less  reliable  than  in  the 
others  and  in  0,5  m  CaCl2  one  cannot  rely  on  the  formula  which  is  used  for  the 
calculation  of  the  apparent  activity  coefficient  of  the  calcium  ion  because  in  this 
concentrated  solution,  hydration  of  the  calcium  ion  will  result  in  a  significant 
difference  between  the  apparent  activity  coefficient,  and  the  real  activity  co¬ 
efficient  which  is  due  to  the  electrical  forces  between  the  ions.  From  the 
measurements  in  0,1  and  0*02  m  CaCl2  obtain  as  a  mean  log  K  =  -5.02. 


In  0,5  in  CaCl2  log  K  is  found  to  be  0.13  greater  on  the  average.  If  we 
assume  that  this  difference  is  due  to  the  hydration  of  the  calcium  ion  it  is 
possible  to  calculate  the  number  of  water  molecules  on  the  calcium  ion.  If  we 
assume  that  the  chloride  icn  binds  2H2O  and  carry  out  the  calculation  according  tc 
the  principles  used  by  BjerrumOW  we  find  that  the  calcium  icn  must  bind  about 
1 7H2O  and  therefore  calcium  chloride  as  a  whole  21  H2O.  For  the  hydration  of 
calcium  chloride  Jones'11)  found  figures  varying  from  13.2  to  29.6  from  the 
freezing  points  of  solutions  of  calcium  chloride  by  a  method  which  however  is  not 
exact  from  a  modem  point  of  view. 
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6. 


^  *hr  1  '  actiorL  instant  K  frr  the  different  podificaticns  cf  calMi^ 

^-1  the  experiments  sc.  far  described  have  been  made  with  precipitated 
calcium  carbonate.  Per  comparison  we  have  also  carried  out  a  few  measurements 
th  Peered  calcite  and  aragonite  prepared  by  grinding  high  quality  typical 
crystals.  Table  9  contains  the  results  of  hydrogen  electrode  measurements  in 
•°2  m.  Cad2  which  was  saturated  with  calcium  carbonate  cf  different  types  and 
a  a  carbcn  dioxide  pressure  of  0,05  atmc sphere. 

From  Table  9  it  is  seen  that  precipitated  calcium  carbonate  and  calcite  give 
the  same  potential  within  experimental  error.  This  shews  that  the  solubilities 
’those  two  prepara  tic  ns  are  the  sane  and  that  the  precipitated  preparation  can 
be  regarded  as  calcite.  On  the  other  hand  aragenite  gives  a  potential  which  is 
3*5  millivolts  higher  than  that  given  en  average  by  the  twe  others*  The 
aragonite  is  therefore  more  easily  soluble  than  the  two  other  forms.  The  3*5 
millivolts  correspond  tc  the  hydrogen  xen  exponent  in  the  aragonite  experiment 
having  been  Q,  06  greater  than  in  the  experiments  with  the  two  ether  forms. 

This  means  that  leg  K  for  aragonite  is  0*06  greater  than  for  calcite  and  from 
this  it  can  be  calculated  that  the  solubility  product  for  aragonite  must  be 
10“2  *  0*06  =  1,32  times  greater  than  that  for  calcite, 

From  solubility  determinations  in  a  potassium  oxalate  solution  at  2 5C, 
Focte(12)  finds  the  solubility  product  of  aragonite  to  be  1*35  times  bigger  than 
that  for  calcite.  From  conductivity  determinations  of  saturated  solutions  of 
aragonite  and  of  calcite  in  water  at  a  carbon  dioxide  pressure  of  1  atmosphere 
Foote  finds  that  the  ratio  between  the  twe  conductivities  of  the  solutions  is 
1*13  ^  25c.  It  follows  frem  this  that  the  ratio  between  the  solubility 
products  of  aragonite  and  calcite  is  equal  to  1,13^  =  1*44* 

A  similar  ratio  is  calculated  frem  the  conductivity  determinations  of 
saturated  solutions  cf  aragonite  and  calcite  in  water  of  Kohlrausch03), 

Ignoring  hydrolysis  the  ratio  between  the  solubility  products  cf  aragonite  and 
calcite  must  be  equal  to  the  square  of  the  ratio  of  the  conductivities  which  gives  | 
(31. 75/26, 67 }2  =  1*4-0*  Because  cf  the  hydrolysis  however  the  value  calculated 
in  this  way  must  be  toe  big, 

7,  Indirect  determination  cf  the  reaction  constant  K  of  calcium  carbonate 

In  the  foregoing,  direct  experiments  have  been  used  tc  determine  the  value 
of  the  reaction  constant  K  with  the  aid  cf  which  one  can  calculate  the  reaction 
In  a  solution  which  is  saturated  with  calcium  carbonate  when  the  calcium  ion 
concentration  and  the  carbon  dioxide  pressure  are  known.  The  correctness  of 
this  direct  determination  can  be  checked  since  it  is  possible  to  calculate  the 
value  of  K  by  combining  three  different  experimental  investigations  available  in 
literature* 


The  chemical  process  by  which  calcium  carbonate 
determining  manner  can  be  v^ritten 


acts  in  a  reaction  - 


CaC03  +  2H+  =  Ca++  +  1^0  +  C02 

This  process  can  be  split  up  into  the  three  following  partial  processes: 
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CaC03  +002+  H20  =  Ca++  +  2H00y 
2H00y  +21^=  2H2CO3- 
2H2OO3  =  2H20  +  2002 


Prr  a  state  of  chemical  equilibrium  in  these  three  processes  the  law  of  mass 
action  gives 


aCa++  *  aHC0y  =  K'  •  Pq02  . .  (23) 

a®2003  .  Kp  =  ajjf  .  aHC0^»  . . . .  ( 24) 

p002  '  *p  =  aH2C03  .  (25) 


Here  K*  is  the  equilibrium  constant  for  the  solubility  of  calcium  carbonate  in 
water  containing  carbonic  acid,  Kp  is  the  first  dissociation  constant  of  carbonic 
acid,  and  Kp  is  the  solubility  constant  of  carbon  dioxide.  By  raising  the  two 
last  equations  to  the  second  power,  then  multiplying  all  the  equations  said  re¬ 
arranging  slightly  we  obtain 


aH+ 


%  *  S 

yF 


(26) 


Wh.§n  "this  equation  is  comp ared  with  equation  {4)  (Section  1  )  it  is  seen  that  we 
.have  the  following  relation  for  the  determination  of  K 


or 


K  = 


•  Kt 

J* 


log  K  =  log  Kp  +  leg  Kp  -  ^  log  K’ 


(27) 

(28) 


Kj,  the  first  dissociation  constant  of  carbonic  acid,  can  be  determined  from  con¬ 
ductivity  measurements  of  solutions  of  carbon  dioxide  in  water.  Walker,  and 
Cormack(^)  have  found  in  this  way  Kp  =  3. 16  ,  10“7  at  18°.  Kendall  v1 5)  found 
Kp  =  3,12  .  10"  7  at  18L  in  more  recent  measurements.  In  calculating  these 
values  it  is  assumed  that  the  conductivity  of  the  ions  can  be  regarded  as  a 
measure  of  their  activity.  Since  the  ionic  concentration  in  the  solutions  of 
carbon  dioxide  in  water  were  exceedingly  small  (less  than  0,0001),  this 
assumption  is  a  good  approximation,  also  in  accord  with  cur  new  views  on  the 
conditions  of  ions.  Taking  the  mean  value  of  the  results  of  Walker  and 
Ccrmack,  and  Kendall  one  obtains  leg  Kp  =  -  6,51 .  Kp,  the  solubility  constant 
of  carbon  dioxide,  can  be  calculated  from  the  solubility  determinations  rf 
Bjhr(^)  (Bohr  gives  the  absorption  coefficient  as  0.928  at  18°  from  which  by 
division  by  the  normal  volume  of  22, k  we  obtain  K-  =  0,0414  molar  concentration 
per  atmosphere).  These  give  leg  Kp  =  -  1,38,  The  calculation  of  K’  from 
Schlosing's  determinations  of  the  solubility  of  calcium  carbonate  in  water  con¬ 
taining  carbonic  acid  has  already  been  given  in  the  foregoing  (Section  3),  where 
we  found  at  18c,  log  K'  =  -  5.68.  Putting  the  values  for  log  Kp,  log  Kp  and 
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K'  in  equation  (23)  we  obtain  as  a  result  log  K  =  -  5.03.  ms  value  fCr 
W+K  1S  only  °-°3  smaller  than  the  value  calculated  from  our  cwn  experiments  and 
tter  agreement  was  hardly  to  be  expected  in  view  of  the  accuracy  of  the 

different  investigations. 

According  to  Kendall's  measurements  of  the  conductivity  of  solutions  of 
carbcn  dicxide  at  0°,  18°  and  25°  the  temperature  coefficient  for  log  Kj  can  be 
taken  as  0.0075  at  18°.  Prom  Bohr's  results  on  the  solubility  of  carbon  dioxide 
in  water  the  temperature  coefficient  for  leg  Kp  is  0.013  at  18  .  _  Finally  in 
section  3  we  have  already  made  use  of  Wells '  experimental  determinations  of  the 
solubility  of  calcium  carbonate  in  water  at  the  carbcn  dioxide  pressure  of  the 
atmosphere  tc  calculate  the  temperature  coefficient  fer  log  K  as  -  0.020  at  18  , 
With  the  aid  of  these  three  temperature  coefficients  and  equation  ^  )  e 

temperature  coefficient  for  log  K  is  found  to  be  0.0043.  This  value  is  confirmed 
by  Thomsen' s^1?)  therm? chemical  measurements.  Thomsen  determined  the  heat 
change  in  the  following  three  processes 

2  HC1,  aq  +  2  Na  OH,  aq  =  2  NaCl,  aq  +  2  H2O  +  27,488  Cal. 

2  NaOH,  aq  +  C02  =  ^OOj,  aq  +  26,060  Cal. 

Ha 2  CO3,  aq  +  CaCl2,  aq  =  CaCO^  +  2  NaCl,  aq  -  2,O£0OCSi. 


result  log  K  =  -  5.05.  This  value  fCr 


By  subtracting  the  two  last  processes  from  the  first  we  obtain 

CaCOj  +  2  HC1,  aq  =  002  +  CaCl2,  aq  +  H20  +  3,478  Cal. 

From  the  magnitude  of  the  heat  change  in  this  process  one  can  calculate  the 
temperature  coefficient  for  log  K.  We  have  the  following  thermodynamic  relation 

d  log  K  = 

....  dt  _  ET2 


and  putting  Q  =  3,478,  K  =  4.57  and  T  =  273  +  18  we  find  the  temperature  co¬ 
efficient  of  log  K  to  be  just  0.0045. 

’  .  *r  \  '  1  -  '  •  x:i  g.  -  2  l 

On  the  electrometric  detection  and  determination  of  calcium  carbonate 

If  calcium  carbonate  is  suspended  in  a  solution  of  calcium  chloride  and 
precautions  are  taken  to  keep  the  carbon  dioxide  pressure  of  the  solution  constant 
with  the  aid  cf  a  stream  of  hydrogen  of  known  carbcn  dioxide  content,  according 
to  the  above  explanations  the  solution  will  net  change  its  reaction  permanently 
on  the  addition  of  hydrochloric  acid  of  the  same  normality  as  the  calcium  chloride, 
so  long  as  solid  calcium  carbonate  is  still  present.  Therefore  so  long  as  solid 
calcium  carbonate  is  present  a  hydrogen  electrode  will  continue  tc  shew  the 
characteristic  potential  for  calcium  carbonate  according  to  cur  measurements 
(see  Table  4).  It:  seems  natural  to  think  of  using  this  fact  for  the  examination 
of  samples  cf  soil  for  the  presence  cf  calcium  carbonate  and  possibly  for  the 
determination  cf  the  calcium  carbonate  content  in  the  samples  of  soil. 

Tc  test  this  possibility  we  have  carried  out  an  electrometric  titration 
nsine  the  arrangement  described  in  Section  2  of  0.08  g.  precipitated  calcium 
A_vcnate  suspended  in  25  cc.  In  calcium  chloride  solution.  This  was  titrated 
* 0  02  n  hydrochloric  acid  which  was  also  0*08  n  with  respect  tc  calcium 
chloride  so  that  the  calcium  ion  content  of  the  solution  would  be  maintained 
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constant  during  the  titration  which  was  carried  out  in  a  stream  ->f  hydrogen  with 

5/c  car  on  dioxide.  Fresh  acid  was  not  added  until  the  potential  had  beccme 
constant* 


Figure  2,  where  the  abscissa  gives  the  hydrogen  ion  exponent  and  the 
ordinate  the  amount  of  acid  added,  shews  hew  the  hydrogen  ion  exponent  changes  on 
6  a^t^L^^-on  of  acid.  The  amount  of  acid  corresponding  to  the  amount  of  calcium 
carbonate  used  is  8  cc.  Despite  the  addition  of  acid  it  is  seen  hew  the 
hydrogen  ion  exponent  really  does  stay  practically  constant  right  up  to  7  cc* 
and  only  then  nn  the  further  addition  of  acid  dc  es  it  begin  to  fall  until  in  the 
neighbourhood  of  8  cc,  it  very  suddenly  falls  rapidly.  It  is  clear  that  a 
itration  curve  which  shows  such  a  sudden  change  at  the  print  one  wishes  to 
determine  Tall  probably  prove  especially  useful  for  quantitative  determinations*. 

For  such  an  electrometric  determination  to  be  practicable  it  is  however 
necessary  for  the  titration  tc  be  able  to  be  carried  out  in  a  slier t  time,  but 
this  will  probably  also  be  possible  if  the  accuracy  requirements  are  net  toe 
stringent, 

.  calcium  carbonate  is  not  suspended  in  a  calcium  chloride  solution  but 

m  water  or  a  solution  of  a  neutral  alkali  salt  a  break  certainly  results  in  the 
electrometric  titration  v/ith  hydro  chic  ric  acid  when  the  amount  cf  acid  equivalent 
to  the  carbonate  has  been  added.  However  the  hydrogen  icn  exponent  in  this 
method  is  not  constant  before  the  neutralisation  point  is  reached,  but  is  already 
decreasing.  This  is  because  of  the  steadily  increasing  content  of  calcium  salt 
in  the  s elution  during  the  titration.  It  fits  with  this  assumption  that  the 
addition  cf  a  calcium  chloride  solution  of  the  same  normality  as  the  hydrochloric 
acid  results  in  a, pH  curve  which  initially  practically  speaking  shows  the  same 
course  as  the  hydrochloric  acid  curve  but  which  naturally  does  net  break  when  the 
amount  of  calcium  chic  ride  equivalent  tc  the  calcium  carbonate  has  been  added. 

In  Figure  3  are  drawn  2  curves  which  shew  the  course  of  the  hydrogen  ion 
exponent  on  the  addition  of  hydrochloric  acid  and  calcium  chloride  respectively  to 
a  suspension  of  0.40  g,  precipitated  calcium  carbonate  in  50  co.  0,1  n  po  tassium 
chloride  solution.  The  abscissa  gives  the  hydrogen  ion  exponent,  the  ordinate 
the  amounts  added  cf  normal  hydrochloric  acid  and  normal  calcium  chloride 
solution  respectively. 


~  We  have  also  carried  out  several  titrations  of  calcium  carbonate  at  other 

different  calcium  ion  concentrations  and  carbon  dioxide  pressures.  In  the  main 
the  shape  of  the  curves  was  as  reproduced  in  Figure  2,  in  that  in  every  case  a 
sharp  break  appeared  when  the  amount  of  hydrochloric  acid  equivalent  to  the 
anrunt  of  calcium  carbonate  used  had  been  added.  Curiously  enough  in  several 
cases  the  suspensions  became  mere  and  mere  basic  cn  the  addition  of  the  first 
cc.  acid  as  in  the  course  of  ^  to  1  hour  an  apparently  constant  potential  was 
reached  which  was  up  tc  2  centi volts  greater  than  the  potential  before  addition 
of  the  acid.  However  this  potential  falls,  albeit  slowly,  (in  the  course  of 
24  hours)  to  the  value  cf  the  potential  before  the  addition  of  the  acid.  The 

explanation  cf  this  singular  phenomenon,  which  v/as  particularly  noticeable  when 
concentrated  titrants  were  used,  is  perhaps  that  the  sudden  addition  of  acid 
etches  the  normal  crystal  surfaces  of  the  calcium  carbonate  so  that  the  crystal 
takes  on  greater  solubility  temporarily  until  repair  of  the  etched  surfaces 
has  taken  place.  It  is  because  of  this  that  in  certain  cases  in  the  experi¬ 
ments  in  Table  1  fresh  acid  was  only  added  after  the  lapse  cf  24  hours. 
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Table  1 


Potential  of; 


H2,  wet  +  002 
at  atmospheric 
pressure 


CaC03  CaCl2 
solid  dissolved 


5%  C02  in  the  hydrogen 


KC1,  HgCl 
3.5M  solid 


Hg  at 
18° 


Calcium  chloride 
used 

Hydrochloric  acid 
added 

Dissolved  hy 
hydrochloric 
acid 
%  Ca  CO3 

Settling 

time 

Potential 
in  vclts 

25  cm3  o.5  a  CaCl2 

0  cm3  1  m  HOI 

0 

hr. 

0.592 

-]  It  It 

5 

1  " 

0.595 

2  "  " 

10 

1  " 

0.597 

4  M  Tl 

20 

1  " 

0.598 

8  "  »' 

40 

overnight 

0 .595y) 

12”  ” 

60 

11 

0.598C1) 

35  cm^  0*1  m  Cad2 

0  cm3  o.2  m  HC1 

0 

f  hr* 

0.614 

^  It  11 

1 

1  n 

0.615 

3  n  t? 

5 

±  n 

0. 616 

10  M  M 

10 

2/3  " 

0.617., 

20  n  n 

20 

overnight 

0.616(2) 

30  it  n 

30 

n 

0.61 e(2) 

25  cm3  o.02  m  Cad2 

0  cm3  O.Oif  m  Hd 

0 

f  hr. 

0.631 

3  ft  H 

1 

S  " 

0.632 

10"  " 

2 

1  " 

0.631 

^  m  .  T  ... 

20  11  11 

4 

Jl  h 

<4 

0.632 

35  cm3  o.C04m  CaCl2 

0  cm3  0.008  m  Hd 

0 

1  hr. 

0.643 

V  ,  ^  j  * 

3  it  tr 

0.2 

4  11 

0,642 

\  1  ?. 

10  "  11 

0.4 

<1  " 

0.642 

- - -  '  -J  - - - 

20  if  " 

0.8 

<1  " 

0.641 

25  cm3  0.0008  m  Cad2 

0  cm3  0,0016  m  HCG_ 

0 

i  hr. 

0.650 

3  n  it 

0.04 

1  " 

0.649 

■ 

15  u 

0.12' 

1  " 

0.649 

35  cm3  pure  water 

0  cm3  pure  water 

0 

li  hr. 

0.651 

3  it  ti 

0 

i  It 

4 

0.649 

"  lt 

0 

■ - -  ■  M  ■  f 

1  n 

2 

0.649 

(1)  After  the  addition  of  the  acid,  values  were  found  here  which  increased  to 
0.606  and  0.617  volt  respectively  in  the  first  few  hours  but  these  values 
fell  in  the  course  of  the  night, 

(2)  After  the  addition  cf  the  acid,  values  were  found  here  which  increased  to 
about  0.620  volt  in  the  first  few  hours  but  these  values  fell  in  the  course 
cf  the  night. 
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Table  2 


ftitential  of: 


H2,  wet  +  CO2  caOOx  CaCl2 

at  atmospheric  soiid  dissolved 

pressure 


KC1,  HgCl 
3.5M  solid 


C02  in  the  hydrogen 


Hg  at 
18° 


Calcium  chloride 
used 

Hydrochloric  acid 
used 

Dissolved  by 
hydrochloric 
acid 
^  CaCO^ 

Settling 

time 

Potential 
in  volts 

25  cm3  0.5  m  CaCl2 

0  cm3  1  m  HC1 

5  »i  »» 

1  o  "  " 

0 

25 

50 

1  hr. 

*  * 

1  " 

O.619!1) 
0.619  } 
0.622V1) 

25  cm3  0.1  m  Cad2 

0  cm^  0,2  m  HC1 

5  it  n 

1 0  ft  11 

15  11  " 

0 

5 

10 

15 

1  hr. 

|  I 

1  ■■ 

0.639S1) 

0.639(3) 

0.640(3! 

0.640V1) 

25  cm3  0.02  m  Cad  2 

0  cm3  0.04  m  HC1 

^  «  it 

10  M  " 

20  M  n 

0 

1 

2 

4 

f  hr. 
i  11 

7  * 

i  " 

0.654$ 1 ) 
0.655(3) 
0.654  1 
0.654V1) 

35  cm3  0.004  m  CaCl2 

0  cm3  0.008  m  Hd 

0 

ii  hr. 

o^oO) 

^  it  n 

0.2 

I  n 

0.669V1) 

15  "  ,! 

0.6 

l  " 

0.668V1) 

25  cm3  0.0008  m  CaCl 

0  cm3  0.0016  m  Hd 

0 

1  hr. 

0.678 

^  ii  ii 

0.04 

i  ■ 

0.677 

10  "  " 

0.08 

1  ■ 

0.677 

35  cm3  pure  water 

0  cm3  pure  water 

0 

If  hr. 

0.681 

ii  i» 

0 

1  it 

40L. 

0.680 

10  "  ,f 

0 

£  " 

0.680 

15  ii  • 

i 

0  ! 

_ _ 

!  • 

0.682 

)  cylinder  hydrogen  was  used  here,  which  was  freed  of  oxygen  by  passing  over 
palladium  asbestos  at  about  350°. 
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Table  3 


Potential  of; 


H2,  wet  +  C02 
at  atnic  spheric 
pressure 


CaC05 

CaCl2 

KOI,  Hgd 

solid 

dissolved 

3.5M  solid 

Hg  at  18C 


0.2^o  COg  in  the  hydrogen 


Calcium  chloride 
used 

I  Hydrochloric  acid 
used 

Dissolved  by 
hydrochloric 
acid 
%  CaC C3 

Settling 

time 

Potential 
in  volts 

25  am?  0,5  m  Cad2 

0  cm?  1  m  HC1 

0 

4  hr. 

0.637 

^  tl  II 

5 

4  - 

0.630 

25  0.1m  CaCl  2 

0  cm3  0.1  m  HG1 

0 

j  hr. 

0.659 

5  ti  ii 

5 

14  " 

0.659 

25  cm?  0.02  m  CaCl 

0  cm?  0.04  m  Hd 

5  ti  « 

0 

1&  hr. 

-ti.  it 

0.675 

0.674 

25  cm3  0.QC4  m  CaClg 

0  cm3  0.008  m  Hd 

0 

li  hr. 

0.690 

5  M  11 

0.2 

<1  ■ 

0.689 

55  cm?  0,0008  m  Cad 2 

0  cm3  0*0016  m  HOI 

0 

2.7t  hr. 

0.697 

^  11  11 

0.04 

1  " 

0.696 

' 

10  f<  Tl 

0.08 

£  II 

0.697 

25  cm3  pure  water 

0  cm3  pure  water  1 

0 

2  hr. 

(0.695) 

y  n  it  i 

0 

i4  " 

4  " 

0.703 

12  u  tf 

0 

0.703 

Potential  of; 


H2,  wet  +  COg 
at  atmospheric 
pressure 


Table  4 


CaC07,  CaCl 2 

Kd,  hgd 

solid  dissolved 

3.5M  solid 

Kg  at  18° 


Calcium  chloride 
used 

Carbon  dioxide  content  of  the  hydrogen 

5% 

1 %  0.2% 

0,5  m  CaCl2 

0.1  A  " 

0.02  "  " 

0,004  "  " 

0.0008  "  " 

pure  water 

0.596  volt 

0.615  " 

0.632  " 

0.642 

0.649  " 

0.650  " 

0,619  volt 

0.639  " 

0.654  " 

0.669  " 

0.677  " 

0.681  » 

0.637  volt 
0.659  " 

0.675  " 

0.690  " 

0.697  " 

0.703  " 
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Table  5 


Bzftrog;en  ion  exponent  in  calcium  chloride  solutions 

calcium  carbonate  at  the  carbon  dioxide  pressures  in — — — — — 


Concentration 

of 

calcium  chloride 

Carbon  dioxide  pressure 

0.05  Atm. 

0.01  Atm. 

0.002  Atm. 

0.5  m 

5.98 

6.36 

6.67 

0.1  » 

6.33 

6.71 

7.0  6 

0.02  " 

6.60 

6.97 

7.33 

0.004  " 

6.78 

7.23 

7.59 

0.0008  " 

6.90 

7.37 

7.71 

0  « 

6.92 

7.43 

7.82 

Table  6 


Pco5co2 

O 

• 

O 

leg  K' 

0.000504 

1.492 

-5.619 

0. 000808 

1.700 

-5 . 660 

0.00333 

2.744 

-5.677 

0.01387 

4.462 

-5.688 

0.0282 

5.930 

-5.649 

0.0501 

7.200 

-5.661 

0.1422 

10.66 

-5.635 

0.2538 

13.27 

-5.621 

0.4167 

15.75 

-5.630 

0.5533 

17.71 

-5.613 

0.7297 

19.44 

-5.620 

0.9841 

21.72 

Mean 

-5.616 

-5.641 
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Table  7 


Reaction  constant^  K,  of  calcium  carbonate. 

Approximate  calculation  using  ( 1  kT* 


Ccncen  t  rat  ion 
of 

CaCl2 

PC02 

=  0,05  Atm. 

PC02  : 

=  0.01  Atm. 

PC02 

=  0 

,002  Atm, 

cCa++ 

PH 

log  K 

°Ca++ 

PH 

log  K 

Cca++ 

PH 

log  K 

0,5  m 

0.500 

5.98 

-5.18 

0.500 

6.36 

-5.21 

0,500 

6.67 

-5.18 

0*1  m 

0,1009 

6.33 

-5.18 

0,1004 

6.71 

-5.21 

0.1002 

7.06 

-5.21 

0*02  m 

0.02178 

6.60 

-5.12 

0.02081 

6.97 

-5.13 

0.02036: 

7.33 

-5.13 

0,004  m 

0.00673 

6.78 

-5.04 

0.00534 

7.23 

-5.09 

0,00464 

7.59 

-5.07 

0,0008  m 

0.00412 

6.90 

-5.06 

0.00260 

7.37 

-5.08 

0.00175 

7.71 

-4.98 

0 

0.00354 

_ 

6.92 

-5.05 

0.00200 

7.43 

-5.08 

0.00114 

7.82 

1 

-5.00 

Mean  value  of  log  K  = 


Table  8 

Reaction  constant.  K,  of  calcium  carbonate* 

Exact  caiouiation  using  (22), 


Concentration 
of  CaCl2 

log  K  at 

PC02  =  °.05  Atm. 

log  K  at 

PO02  “  °«01  Atm. 

log  K  at 

PC02  =  0.002  Atm. 

0.5  m 

-4.88 

-4.91 

-4.88 

0,1  m 

-5.00 

-5.03 

-5.03 

0,02  m 

-5.01 

-5.03 

“5.03 

0.004  m 

-4.97 

r-5.02 

-5.01 

0.0008  m 

-55000 

-5.03 

-4.93 

_ 1 

-4.99 

-5.03 

-4.96 
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Table  9 


Potential  of: 


H2,  wet  +  5%  CO2 
at  atm.  pressure 


CaCOjj , 
solid 


CaCl2 

dissolved 


KC1,  Hg  Cl 
3.5M  solid 


Hg 

at  18° 


Calcium  chloride 
used 

Hydrochloric 
acid  added 

Potential  with 

precipitated 

CaC03 

Calcite 

Aragonite 

25  cm3  0.02  m  CaCl2 

0  cm^  0.04m  HQL 

0.631  volt 

0.633 

0.636 

^  »  11 

0.632  " 

0.632 

0.635 

10  "  " 

0.631  " 

0.632 

0.635 

20  11  " 

0.632  " 

0.633 

0,636 

Mean  . . 

0.6315 

0.6325 

0.6355 
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Figure  1*  Titration  curves  for  two  soils. 

Upper  curve  -  garden  soilj  lower  curve  -  subsoil 
.from  forest  bog,  (Part  i) 


Figure  2,  Titration  curve  for  calcium  carbonate.  (Part  II) 

*  *  \  \’~ 


Figure  3.  Titration  curves  Tor  calcium  carbonate  with 
hydrochloric  acid  and  with  calcium  chloride.  (Part  II), 


PART  III 


On  the  range  and  the  nature  cf  the  investigations  which  must  be  made 

Magnesium  carbonate  occurs  in  nature  mainly  as  magnesite  which  is  anhydrous; 
more  rarely  it  is  found  as  the  mineral  Nesquehonite  which  is  a  lydrate  ?/ith  3 
molecules  of  water,  During  y/inter  a  hydrate  with  5  molecules  of  water  can  separate 
out  in  salt  springs,  and  finally  there  exist  some  basic  magnesium  carbonates  of 
different  compositions  (hydromagnesite,  Giorgiosite,  ifydrogiobertite ,  Artinite, 
Lansfordite  and  Brugnatellite)^),  Anhydrous  magnesium  carbcnate,  hydrates  with 
1 ,  2,  3,  4  and  5  molecules  of  Y/ater,  as  well  as  basic  magnesium  carbonates  of 

widely  differing  compositions  which  according  to  the  literature^),  have  been 
prepared  by  artificial  means. 

The  first  questions  tc  be  considered  in  a  discussion  of  the  effect  which 
magnesium  carbonate  exerts  cn  the  reaction  of  soil  become  then;  Which  modifi¬ 
cation  of  magnesium  carbonate  must  be  considered?  Must  one  consider  different 
modifications  under  different  conditions  ( temper a ture,  carbon  dioxide  pressure, 
magnesium  ion  concentration),  and  in  addition  to  considering  the  normal  carbonates, 
must  one  also  take  note  of  the  basic  magnesium  carbonates  or  even  if  magnesium 
hydroxide? 

Tc  be  able  to  answer  these  questions,  in  the  first  place  one  must  know  the 
stability  of  the  different  forms  of  magnesium  carbonate  under  different  conditions, 
(temperature,  carbon  dioxide  pressure,  magnesium  icn  concentration)  and  next  one 
must  know  the  speed  with  v/hich  the  uns table  mcdifi cation  is  converted  to  the  stable 
modification  under  different  conditions.  When  one  knows  these  tilings  and  further 
knows  the  solubility  and  the  reaction  cf  the  different  modifications  under 
different  conditions  one  is  then  in  a  position  to  indicate  how  suspensions  of  the 
different  me dificat ions  will  behave.  Knowing  that,  one  has  a  satisfactory  basis 
to  discuss  the  relation  of  magnesium  carbonate  in  soil. 

There  exist  in  the  literature  reports  that  suspensions  of  magnesium  carbonate 
(both  of  Magnesite  and  the  hydrates)  react  alkaline  to  different  indicators  but 
apart  from  this  the  reaction  of  magnesium  carbonate  suspensions  has  not  been 
investigated. 

The  investigations  of  the  solubilities  of  the  different  forms  of  magnesium 
carbonate  are  also  incomplete.  Vesterbergt^)  has  carried  out  investigations  cf 
the  effect  of  weak  acetic  acid  on  different  naturally-occurring  substances  which 
contain  magnesium  carbonate,  and  has  shown  that  the  magnesium  carbonate  occurs  in 
different  frrms  with  different  solubilities  in  weak  acetic  acid.  There  exist 
different  reports  of  the  solubility  in  pure  water;  these  reports  however  are  of 
little  value  since  in  pure  water  one  is  net  concerned  with  a  system  in  7/hich  there 
is  equilibrium*  The  solutions  of  the  hydrate  in  water  are,  as  will.be  discussed 
later,  supersaturated  with  reference  to  magnesium  hydroxide,  CossaW  has 
determined  the  solubility  of  crystalline  Magnesite  as  0,115  g  per  litre  at  18°  and 
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the  t1M^treS  car^on  dioxide  pressure.  EngelC^)  has  determined  the  solubility 
as  va  11  f  hydrate  at  12c  and  carbon  dioxide  pressures  from  0,5  to  6  atmospheres 
50°  ^  ^  a  carbcn  dioxide  pressure  of  1  atmosphere  and  temperatures  from  3*5 


obtain  ^rf'mt^0n  °n  of  certain  forms  of  magnesium  carbonate  has  been 

Concere  r?m  scme  methods  of  preparation  but  there  exist  no  reports  which  are 
Garbc^t  ^les  for  conversion  of  the  different  forms  of  magnesium 

are  ^  e  mto  one  another!  and  the  existing  investigations  of  magnesium  carbonate 
im Tinr-  +  sufficient  to  derive  these  rules  even  if  one  v/ere  able  to  carry  out 
an  calculations  on  the  basis  of  Engel  rs  investigations. 


ca  h  therefore  be  necessary  to  prepare  the  different  forms  of  magnesium 

fh  onate  and  then  by  suitable  investigations  obtain  material  to  throve  light  un 
pinn^aeSt:LOn  *he  reaction  the  question  of  the  ccnversion.  At  the  be- 
g  ing  of  this  investigation  the  object  vms  to  study  the  normal  magnesium  car- 
cnates  but  it  proved  that  the  substance  which  is  described  as  a  mrnohydrate  of 
Eiagnesium  carbonate  in  the  different  chemical  handbooks  -  in  relation  to  the 
investigations  of  N/rgaard  -  is  not  the  me nc hydrate  but  a  weakly  basic  salt. 
Attempts  were  made  in  different  7/ays  tc  prepare  a  rocnc hydrate.  The  attempts 

however  did  net  lead  to  the  monobydrate  but  in  all  cases  tc  weakly  basic  magnesium 
carbonates.  These  weakly  basic  carbonates  are  included  in  the  investigation  but 
it  must  be  stated  that,  by  and  large^  the  problem  of  "basic  carbonates"  has  not 
been  investigated.  In  the  basic  carbonates  investigated  the  ratic  between  MgO 
and  COg  bus  6:5,  while  according  to  the  literature  there  have  been  prepared  basic 
salts  where  the  ratio  between  MgQ  and  CO2  has  been  as  5; A,  4:3  and  3:2, 


In  agreement  with  the  considerations  which  were  made  of  calcium  carbonate  in 
Part  IX  of  this  series  one  can  derive  the  theory  for  the  reaction- determining 
effect  of  the  different  forms  of  magnesium  carbonate. 

The  chemical  process  by  wliich  anhydrous  magnesium  carbonate  5  a  hydrate  with 
m  molecules  of  v/atsr,  and  a  basic  salt  of  composition  hMgOjqCO^rH^Q  respectively 
remove  the  hydrogen  ions  from  an  acid  solution  can  be  expressed  by  the  following  * 
equations 

2H+.+  MgCOj  =  J%+*  +  C02  +  H20 
2H+  +  Mg00jJmH20  -  Mg++  +  CO2  +  (l  +  m)H20 
2nH<-  +  nMgO,qp02,rH20  =  nMg++  +  qC02  +  (n  +  r)H20, 

Applying  the  law  of  mass  action  to  these  equations  one  can  derive  the  following 
expressions  for  the  hydrogen  ion  activity  valid  for  suspensions  of  magnesium 
carbonate: 

aH+  =  Ko ’  '/%g++  J Pco2 / P/Po  .  (l) 

aH+  =  K°”  /(p/Pof  +  1  .  (2) 

&B++=  S++  ^ (p/pc)n  +  r_)  ....  (3) 

and  the  following  approximate  egressions  for  the  hvdrr  crPn  i 

lyoregen  Ion  cc  ncentratxcn : 
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CH+  =  K’  fagH.  fio02 

°H+  =  K"  ++  J  PCO2 


(V) 

(5) 

(6) 


Ch+  =  K  ",yo^g++  */(P002)* 


Equations  (1),  (2)  and  (3)  are  exactly  valid  at  all  concentrations  while 
equations  (4),  (5)  and  (6)  are  rnly  valid  fcr  infinitely  dilute  solutions  where 
the  activities  of  the  icns  can  be  set  equal  tc  their  concentrations,  and  the  vapour 
pressures  of  the  sc  lutirns  can  be  set  equal  to  the  vapour  pressure  of  pure  water* 
However,  with  the  aid  of  (4),  (5)  and  (6)  one  obtains  a  general  idea  of  the  con¬ 
ditions,  and  it  is  seen  that  a  suspension  of  one  or  another  modification  of 
magnesium  carbonate  does  net  possess  a  hydrogen  i^n  concentration  characteristic 
for  the  particular  modification,  but  that  the  hydrogen  i^n  concentration  for  all 
edifications  increases  with  the  square  root  of  the  magnesium  ion  concentration  and 
also  increases  with  the  carbon  dioxide  pressure.  Fcr  the  normal  carbonates  the 
increase  is  propcrticnal  tr  the  square  root  cf  the  carbon  dioxide  pressure.  Fcr 
the  basis  carbonates  the  increase  is  proportional  tc  a  quantity  v/hich  is  smaller 
than  the  square  root  }f  the  carbon  dioxide  pressure,  and  still  smaller  the  more 
strongly  basic  the  salt  is.  The  equations  derived  however  are  net  valid  at  all 
carbon  dioxide  pressures  since  the  stability  of  a  carbonate  only  covers  a  limited 
range  in  carbon  dioxide  pressures. 

It  is  new  a  question  cf  verifying  equations  (l),  (2)  and  (3)  and  <~f  deter¬ 
mining  the  reaction  constants  for  the  different  modifications  of  magnesium  car¬ 
bonate.  nil en  cne  has  dene  this,  the  rules  for  the  conversion  of  one  modification 

tc  another  can  be  derived,  since  slurries  of  two  different  forms  under  the  same 
conditions  must  have  the  same  hydrogen  icn  concentration  at  the  conversion  print. 
Fr^m  equations  (l)  and  (2)  cne  can  thus  derive  that  anhydrous  magnesium  carbonate 
and  a  hydrate  with  m  molecules  cf  water  will  be  in  equilibrium  with  one  another 
at  the  vapour  pressure. 


where  pc  is  the  vapour  pressure  of  pure  water. 

The  investigations  to  confirm  the  theory  ‘and  determine  the  constants  have  been 
carried  out  following  the  same  principles  as  in  the  investigations  with  calcium 
carbonate.  Electrometric  determinations  of  the  hydrogen  icn  concentration  have 
been  made  in  magnesium  carbonate  suspensions  at  known  carbon  dioxide  pressures  and 
magnesium  icn  concentrations.  Further  determinations  cf  solubility  have  been  made 
parallel  with  the  determinations  of  the  reaction,  in  that  the  undissclved  magnesium 
carbonate  was  filtered  off  at  the  conclusion  of  the  hydrogen  icn  measurement,  and 
the  magnesium  carbonate  content  of  the  filtrate  was  determined  titrimetrically. 

Preparation  and  analysis  of  seme  magnesium  carbonate  preparations 

As  indicated  earlier  reports  are  to  be  found  in  the  literature  of  the 
existence  cf  anhydrous  magnesium  carbonate,  as  well  as  of  hydrates  with  1,  2,  3, 

3§,  4  and  5  molecules  of  water. 
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/*  2  riifTerent  modifications} 

Of  these  products  anhydrous  magnesium  carbcna  e  K  been  prepared  and 

he  trihydrate,  as  v/ell  as  2  forms  of  the  pentahydra e  Df  the  dihydrate, 

investigated,  in  addition  a  single  investigation  has  _  water  has  not  "been 

whaie  the  question  of  the  hydrates  vdth  35  ^  I]trlec  ^1+  on  the  existence  of 

taken  up.  vie  may  merely  mention  that  there  is  disagree  easily  ccn- 

these  hydrates  and  that  insofar  as  they  do  exist  they  are  ^  any  <=ase 
verted  to  the  trihydrate.  The  mono  hydrate  could  not  be  pr  P 

After  preparation  the  substances  were  submitted  to  J c rms  of 
microscope,  as  well  as  a  chemical  analysis.  Since  the  dif  '  under  the 
magnesium  carbonate  are  very  characteristic  and  easily  reccgr  vsis  comprised 
microscope  this  examination  is  of  great  value.  The  chemical  analy  ^ 

a  determination  of  MgO,  C02  and  H20.  The  MgO  content  was  ^^^^Ltermining 
solving  a  known  amount  cf  the  substance  in  a  slight  excels  c  fa.  carbon  5 

this  excess  by  back  titration  with  sodium  hydroxide  after  boiling  .  .  , 

dioxide.  Methyl  red  was  used  as  indicator.  C02  and  H20  were  determine  in 
an  elemental  analysis*  A  suitable  amount  of  the  substance  was  p  act, 
in  a  combustion  tube  which  was  then  heated  in  an  electric  oven  to  a  empera  e  n 

about  800c  while  a  slow  stream  cf  dry*  carbon  dioxide-free  air  ms  drawn  through 
the  ccnibusticn  tube.  The  water  and  the  carbon  dioxide  formed  were  determined 
gravimetric  ally  by  absorption  in,  respectively,  dried  calcium  chloride  and 
pulverised  potassium  hydroxide  which  was  moistened  with  a  slight  quantity  of  water* 

Anhydrous  magnesium  carbonate 

Engel has  prepared  anhydrous  magnesium  carbonate  by  heating 
MgGG3,4H20  and  KHC03,MgC03,tH2^*  The  product  prepared  in  this  way  is  very  re¬ 
active  and  strongly  absorbent*  It  is  mere  easily  soluble  in  water  than  the 
hydrates,  and  according  tc  Engel  the  trihydrate  or  the  pentahydrate  crystallises 
from  an  aqueous  solution  depending  on  whether  the  temperature  is  above  or  below 
16°.  I  have  prepared  a  similar  reactive  anhydrous  magnesium  carbonate  by  de¬ 
hydrating  the  trihydrate  in  an  atmosphere  cf  carbonic  acid  at  170  -  180°. 

Considerably  more  interesting  is  another  modification  of  magnesium  carbonate 
which  Senarmcntw)  has  prepared  by  heating  a  mixture  of  sodium  carbonate  solution 
and  magnesium  sulphate  solution  in  a  sealed  tube  tc  160  -  175°.  This  substance 
is  not  converted  to  the  hydrates  by  mixing  with  water,  it  is  mere  difficultly 
soluble  than  the  hydrates  and  is  very  slowly  soluble  in  acids.  It  consists  cf 
small  rhombic  crystals,  I  have  prepared  a  corresponding  product  by  recrystallising 
the  trihydrate  at  a  temperature  cf  170  -  180r*  The  trihydrate  and  water  were 
placed  in  a  glass  tube;  the  air  over  the  mixture  was  displaced  by  carbon  dioxide 
whereupon  the  tube  was  sealed  and  heated.  The  conversion  of  the  trihydrate  to 
the  crystalline  anhydrous  magnesium  carbonate  takes  place  with  2  different  basic 
salts  as  intermediates ,  namely  a  granular  basic  salt  (Pig.  2)  and  a  thread-like 
basic  salt  (Pig.  5).  The  latter  which  is  formed  from  the  granular  basic  salt  is 
very  voluminous  and  precipitates  slowly  while  the  crystalline  anhydrous  raeSSiS 
carbonate  precipitates  rapidly.  In  this  way  we  have  a  sign  cfhcv  far 
conversion  has  progressed.  Using  5g  trihydrate  and  25  cc.  water  „ 

takes  Place  as  a  rule  in  the  course  of  1  to  2  hours  but  it  J22T  the  conversion 
after  ?  hour  the  mixture  consists  almost  exclusively  of  the  thread^ik^t!?1* 
and  even  if  the  substance  precipitates  rapidly  it  can  be  contami^ted  ^^asif 
salt. 


The  results  cf  analyses  of  4  different  preparations  are  -  m  , 

They  were  prepared  by  recrystallisationcf  the  trihydrate  at  170™  }ivP*le  ^ 
Preparations  1,  2  and  3  were  Bade  from  the  trihydrate  and  water  ^  JSf  * 

5tr-25  cc.  Per  preparation  4,  25g  moist  trihydrate  and  3o  \  ^  the  ratl0 
7g-  7  cc*  water  saturated 
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1,1  +j  ,  ?n  1R3tl^e  v;ere  used.  The  results  show  that  preparations  1  and  2 

,  y  speaking  consist  of  pure  anhydrous  magnesium  carbonate  while  pre- 
para  ion  3 is  strongly  contaminated  with  basic  salt  and  preparation  k  consists 
axmost  exclusively  Cf  basic  salt.  A  microscopic  analysis  of  the  preparations  gave 
the  same  results  as  the  chemical  analysis.  Preparation  3,  of  v/hich  a  large 

,,,af5  P3  e>  *'vas  extr acted  with  hydrochloric  acid.  In  this  7/ay  the  basic 
magnesium  carbonate  was  dissolved  and  after  washing  and  drying,  chemical  analysis 
results  ';/hich  are  shown  in  Table  I  under  preparation  5.  A  microphoto- 
n  +v,  C  ajlh^drous  crystalline  magnesium  carbonate  is  reproduced  in  Pig.  1* 
under  tne  microscope  it  looks  exactly  like  the  compact  shalk-resembling  magnesite 
ircm  mops.,  a  chemical  analysis  of  Eubsfa  magnesite  is  shewn  in  Table  I  under 
preparation  6, 

Kie  mo  no  hydrate  of  magnesium  carbonate  hardly  exists.  N^rgaard^®)  considers 
that  it  is  formed  when  the  trihydrate  or  the  pentahydrate  is  heated  in  water  to  a 
temperature  slightly  under  that  at  which  the  formation  of  carbon  dioxide  begins, 
and  assumes  further  that  it  is  formed  by  a  similar  heat  treatment  of  magnesium 
carbonate  dissolved  in  water  containing  carbonic  acid  or  in  a  solution  of 
magnesium  sulphate.  In  addition  N^rgaard  indicates  that  an  intermediate  between 
the  trihydrate  and  the  nc  no  hydrate  a  crystalline  dihydrate  is  formed.  To 
support  his  assumption  of  the  existence  of  the  monchydrate  N^rgaard  shows  analyses 
which  however  only  consisted  of  a  determination  of  the  remains  of  ignition, 

Nprgaard  describes  the  product  as  fine  grained  crystals.  Without  doubt  I  have 
prepared  the  same  product  which  N/rgaard  describes.  An  analysis  of  the  sub¬ 
stance  shews  however  that  per  molecule  kgO,  it  contains  less  than  1  molecule  CO2 
and  mere  than  1  molecule  H2O  so  that  it  is  a  basic  salt  even  if  it  gives  the  same 
remains  on  ignition  as  a  mcnc&ydrate  would  give.  In  the  following  the  attempts 
to  prepare  a  monchydrate  are  described  under  preparations  7  ~  1 3. 

Preparation  No.  7  was  made  from  the  anhydrous  reactive  magnesium  carbonate 
which  was  added  tc  boiling  water  through  which  was  bubbled  carbon  dioxide.  In 
the  course  cf  5  minutes  the  substance  was  converted  to  a  heavy  apparently 
crystalline  precipitate.  Its  appearance  is  seen  in  Pig.  2,  Under  the  micro¬ 
scope  it  shews  a  surprising  similarity  tc  starch  grains  cr  yeast  cells.  The  same 
substance  can  also  be  formed  by  using  the  trihydrate  instead  of  anhydrous  magnesium 
carbonate  but  the  conversion  of  the  trihydrate  takes  place  more  slowly  and  a  new 
metamorphosis  of  the  granular  basic  salt  takes  place  before  the  metamorphosis  from 
the  trihydrate  tc  the  granular  salt  is  complete.  The  granular  basic  salt  can  be 
prepared  still  mere  easily  than  frem  the  anhydrous  reactive  magnesium  carbonate, 
by  the  metam:  rpho  sis  cf  the  amorphous  voluminous  precipitate  obtained  by  mixing 
a  magnesium  sulphate  solution  with  a  sodium  carbonate  solution.  Preparations  8 
and  9  were  made  by  mixing  1  volume  of  1  molar  sodium  carbonate  solution  with 
2  volumes  of  1  mo-lar  magnesium  sulphate  solution  and  then  placing  the  mixtures  in 
the  water  bath  at  a  temperature  cf  80  -  90c.  In  the  course  of  1  hour  the 
voluminous  precipitate  was  converted  tc  the  granular  basic  salt.  If  the 
temperature  exceeds  90c  carbon  dioxide  is  formed  and  the  bottom  and  walls  of  the 
flask  are  covered  with  a  strongly  retained  coherent  layer  cf  converted  grains 
while  at  the  same  time  a  large  powder-like  precipitate  is  found  of  unconverted 
grains  which  can  easily  be  removed  from  the  flask  without  being  contaminated  by 
the  converted  grains.  Under  the  microscope  preparations  8  and  9  looked  exactly 
like  preparation  7;  both  the  preparations  contained  a  trace  of  sulphate.  From 
the  analyses  results  in  Table  I  it  is  seen  that  preparations  7,  8  and  9  do  not 
have  quite  the  same  composition  which  -ls  naturally  in  connection  with  the  fact 
that  they  are  prepared  under  conditions  under  which  they  are  unstable.  Taking 
the  mean  value  of  the  analyses  the  composition  becomes  very  close  tc 
6MgO  5C02,9H20.  The  uniform  appearance  of  the  substance  indicates  strongly  that 
it  is  a  chemical  compound,  but  it  is  of  course  possible  that  it  can  take  up 
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in  the  form  s-lid  solution,  Tc  obtain  further 

ccrnpc31tn.cn  it  will  be  necessary  to  try  and  prepare  the  substance  under  conditions 
I*—  it  is  Me  IttaT  temperature.  Before  try**  tta., 

tewever,  it  wcula  be  ei;palit,nt  bj  exraimtiens  of  the  substance  tr  find  cut  under 
•  c  conditions  it  is  possible  tc  prepare  it. 

Reparation  10  was  made  in  the  following  manners  200  GC* 

?^te  solution  were  warmed  in  a  flask  on  the  water  bath  tc  90 .  *as 

corked  and  the  cork  was  furnished  with  a  long  tube  which  passed  tr  the  b  ttcm  of 
e  f^a3k,  a  doubly  bent  tube  which  just  passed  through  the  ccrk  and  a  je 
connected  with  a  burette  containing  a  solution  of  acid  potassium  carbonate.  The 
liquid  was  inoculated  vdth  the  granular  basic  salt,  and  in  the  course  of  1  hour 
an  aqueous  solution  of  2/5  gramme  molecule  acid  potassium  carbonate  was  dripped 
into  the  flask  from  the  burette  while  carbon  dioxide  was  bubbled  through  the 
liquid.  An  amorphous  precipitate  appeared  first  which  however  was  quickly  con¬ 
verted  to  a  mixture  of  the  easily  recognisable  trihydrate  and  the  granular  basic 
salt.  Gradually  the  trihydrate  crystals  were  cuvered  vdth  grains  of  the  basic 
salt  and  under  the  microscope  one  could  clearly  follow  how  the  grains  grew  while 
the  trihydrate  was  eaten  up  by  the  grains.  The  conversion  uf  the  trihydrate  was 
net  complete  however  before  a  metamorphosis  of  the  grains  set  in.  This  meta¬ 
morphosis  consisted  of  a  breaking-up  into  small  compact  threads.  After  the 
course  of  2  hours  there  were  no  more  typical  trihydrate  crystals  and  the  pre¬ 
cipitate  consisted  of  coherent  broken-up  grains  which  were  mainly  collected 
together  in  reds  cf  the  same  shape  as  the  trihydrate*  Micrcphotographs  the 
preparation  are  reproduced  in  Figures  3  and  4,  From  Table  I  it  is  seen  that  the 
preparation  has  very  nearly  the  same  chemical  composition  as  the  granular  basic 
salt. 


Some  attempts  were  nevr  made  to  prepare  a  me  no  hydrate  by  recrystallising  the 
trihydrate  in  sealed,  tubes. 

Preparation  11  was  made  by  heating  5g  trihydrate  and  25  cc.  water  to  105°  for 
I’g-  hours.  Preparation  12  was  made  by  heating  15g  trihydrate  and  70  cc,  water  tr 
110c  for  3  hours*  The  air  over  the  liquid  was  here  displaced  by  carbon  dioxide* 
Preparation  1 3  was  made  by  heating  a  mixture  of  20g  trihydrate  30g  water  and 
0,5g  potassium  bicarbonate  tc  10tr  for  1  hour.  From  Table  I  it  is  seen  that  the 
preparations  consisted  of  basic  salts.  Preparations  11  and  12  correspond  in 
composition  most  closely  to  preparation  4  which  was  made  by  heating  a  large 
quantity  of  trihydrate  with  a  little  water  to  175°*  The  composition  is  cl^se  to 
6  llgQ ,5002 Under  the  microscope  these  preparations  are  seen  to  consist  of 
fibres  or  short  threads,  but  preparation  12  contains  in  any  case  a  quite  small 
amount  of  the  crystalline  anhydreus  magnesium  carbonate.  A  microphc tograph  of 
preparation  12  is  reproduced  in  Fig.  5,  The  preparations  consist  cf  a  very 
voluminous  powder  and  differ  from  the  heavy  granular  basic  salt  by  containing  less 
water.  Preparation  13  contained  {see  Table  I)  more  carbcn  dioxide  than  the 
granular  basic  salt.  Under  the  microscope  it  was  seen  tc  consist  of  fibres  and 
bre  ken -up  gr  ains , 

yet  another  attempt  was  made  tc  prepare  the  me  nohydrate;  150  cc.  1  nrlar 
magnesium  sulphate  solution,  100  cc,  1  molar  sodium  carbonate  solution,  and  4g 
tassium  bicarbonate  were  heated  on  the  boiling  water  bath  in  a  soda-water 
bottle  with  a  patent  ccrk.  The  bottle  was  wrapped  in  a  cloth.  After  l£  hours 
the  bottle  exploded;  however  a  microscopic  examination  of  the  substance  shewed 
sufficiently  clearly  that  the  product  formed  consisted  of  basic  salt. 
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It  is  clear  from  the  experiment  a  that  hydrated  normal  magnesium  carbonate 
cannot  be  prepared  at  temperatures  around  100°  even  at  considerable  carbon  dioxide 
pressure*  Hov/ever  if  the  temperature  is  increased  the  basic  salt  is  converted  to 
normal  but  anhydrous  magnesium  carbonate. 

In  Table  I  under  preparation  14  are  shewn  the  results  of  an  analysis  of  the 
Pharmacopeia's  Hydratocarbonas  Ivlagnesicus.  Under  the  microscope  it  was  seen  to 
consist  mainly  of  fibres  ,  breken-dewn  grains,  and  rods*  The  ratio  between  I<tgO 
and  COg  is  as  11 :9, 

The  dihydrate 

The  amorphous  voluminous  precipitate  which  results  on  precipitating  a 
magnesium  salt  with  alkali  carbonate  in  concentrated  solutions  consists  according 
to  Engel w)  of  dihydrate.  Engel  mixed  solutions  of  equal  molecules  of  magnesium 
chloride  and  alkali  carbonate  and  determined  the  composition  of  the  precipitate 
indirectly  by  analysing  the  filtrate  and  the  precipitate  pressed  from  it*  The 
dihydrate  is  converted  to  the  trihydrate,  the  pentahydrate  cr  a  mixture  of  these 
hydrates  on  standing  with  the  mother- liquor,  or, on  allowing  the  moist  precipitate 
to  stand.  According  to  BerzeliusO^)  and  Rcse(^)  the  precipitate  which  appears 
on  the  addition  of  alkali  carbonate  tc  magnesium  salts  consists  of  basic 
magnesium  carbonate.  The  reason  that  Berzelius  and  Rose  arrive  at  this  result 
is  certainly  due  to  the  fact  that  the  precipitate  dees  net  tolerate  washing  with 
Yfater.  In  an  attempt  to  determine  the  reaction  constant  of  the  product  results 
were  obtained  which  indicated  that  during  washing  magnesium  hydroxide  is  formed 
(see  section  14). 

The  trihydrate  and  the  pentahydrate 

Without  going  into  the  existing  literatureO^)  it  should  merely  be  mentioned 
that  both  the  trihydrate  and  the  pentahydrate  can  be  formed  by  metamorphosis  of 
the  amorphous  dihydrate  by  crystallisation  from  a  saturated  solution  of  the 
dihydrate  as  well  as  by  allcwing  a  solution  of  magnesium  carbonate  in  water  con¬ 
taining  carbonic  acid  to  stand.  In  general  it  is  stated  that  above  16°  the 
trihydrate  is  formed  and  under  1 6°  the  pentahydrate*  In  what  follows  the  pre¬ 
paration  of  the  substances  examined  will  be  gone  through* 

Preparation  15  (trihvdrate) 

Solutions  of  1  gramme  molecule  magnesium  chloride  and  2  gramme  molecules 
potassium  bicarbonate  were  mixed*  Air  was  blown  through  the  clear  liquid  for 
2  days  whereupon  the  crystals  which  separated  were  filtered  off,  washed  and  dried 
in  the  air.  A  microphc tograph  cf  the  preparation  is  shewn  in  Fig*  6.  The 
analysis  of  the  substance  (Table  I)  shows  that  the  product  consists  of  trihydrate. 

Preparations  1 6  and  17  f trihvdrate) 

500  cc  1  m  magnesium  chloride  and  500  cc.  0.95  m  sodium  carbonate  were  mixed. 
The  precipitate  produced  was  immediately  filtered  off  on  the  filter  pump.  The 
filtrate  was  set  aside  and  after  standing  at  room  tenperature  for  24  hours  the 
separated  crystals  were  filtered  off,  washed  and  dried  in  the  air  (preparation  16). 
The  wet  precipitate  which  had  been  sucked  off  was  suspended  in  water,  brought  into 
solution  by  the  addition  of  carbon  dioxide  and  placed  in  a  measuring  cylinder 
covered  with  filter  paper  for  2  days  after  which  the  separated  crystals  v/ere 
filtered  off  washed  and  dried  in  the  air  (preparation  17).  Beth  chemical 
investigation  and  microscopic  examination  shewed  that  both  the  preparations 
consisted  of  pure  trihydrate*  According  to  Damour  and  Marignac,  tetrahydrate  or  a 


-  37  - 


I 


tri  hydrate  and  tetrabydrate  separates  out  on  very  slowly  removing  the 
cn  dioxide  from  a  solution  of  magnesium  bicarbonate* 


Reparations  18  and  19  ftrihvdrate) 


,  1  t^°  cc*  Ira  magnesium  sulphate  and  300  cc.  1m  sodium  carbonate  were  mxed  and 

owe^  ^  stand  respectively  at  room  temperature  (about  1 8  )  and.  4  5  * 

e  course  of  2  hours  the  amoiphuus  precipitate  was  converted  to  a.  cnjyp 
crystalline  one.  In  Fig*  7  is  shcvai  a  microphotcgraph  of  preparation  19* 
ie  chemical  and  microscopic  examinations  shewed  that  the  prepara  ions  c  _ 

of  trihydrate.  However  in  preparation  19  there  was  found  an  exceedingly  s 
quantity  of  the  granular  basic  salt. 


Preparation  20  was  a  commercial  grade  of  crystalline  magnesium  carbonate. 
Microscopic  examination  showed  that  it  consisted  mainly  of  trihydrate  but  it  was 
contaminated  slightly  with  broken-down  grains  of  basic  salt,  Chemical  analysis 
(see  Table  I)  shewed  agreement  v/ith  the  micro  see  pic  examination. 


Preparations  21  and  22  were  prepared  by  mixing  magnesium  sulphate  solution 
and  sodium  carbonate  solution  and  allowing  to  stand  at  10°  and  0  —  2°  respectively , 
In  the  course  of  half  an  hour  the  precipitate  in  the  mixture  which  had  stood  at 
10°  was  converted  to  a  compact  crystalline  precipitate  which  was  filtered  off  f 
washed  and  dried  in  the  air  at  10  -  15°  (preparation  21  )•  Under  the  micro  scope 
it  was  seen  in  the  form  of  beautiful  plate- shaped  crystals  (Fig.  8).  Chemical 
analysis  showed  that  it  was  pure  pentahydrate.  At  0  -  2°  the  metamorphosis  of 
the  dihydrate  took  place  mere  slowly.  After  24  hrurs  hewever  the  precipitate  had 
become  crystalline  and  nc  longer  contained  dihydrate,  Microscopic  examination 
showed  that  it  consisted  of  a  mixture  of  trihydrate  and  pentahydrate.  The  pre¬ 
cipitate  was  filtered  off,  washed  and  dried  in  the  air  at  10  -  15c  (preparation 
22),  Chemical  analysis  showed  that  per  molecule  MgCO^  there  were  molecules 
wrater. 


Preparation  23 

500  cc.  1m  magnesium  sulphate  and  400  cc,  1m  sodium  carbonate  were  mixed  and 
the  precipitate  was  separated  by  centrifuging.  The  filtrate  was  inoculated  vjith 
a  little  of  the  plate-shaped  pentahydrate  and  allowed  to  stand  for  24  hours  at 
0-2°  after  whioh  the  crystals  which  separated  were  filtered  off,  washed  and  dried 
in  the  air  at  10  -  15°.  Microscopic  and  chemical  analysis  shewed  that  the  pro¬ 
duct  consisted  of  plates  of  pentahydrate. 


Rod-shaped  crystals  of  pentahydrate 


N/rgaard  (luc,  cit.)  reports  that  the  plate-shaped  crystals  of  the  penta¬ 
hydrate  on  standing  for  a  long  peried  with  the  mother-liquor  are  converted  to 
another  modification  of  pentahydrate.  Ntfrgaard  further  reports  that  this  modifi¬ 
cation  is  formed  directly  when  the  pentahydrate  is  formed  on  crystallising  from 
a  solution. 


500  cc.  1m  magnesium  sulphate  and  400  cc,  i m  sooium  carbonate  were  mixed  and 

the  precipitate  »aa  T,“  mtrate  allowed  4  stead 

at  a  temperature  of  10  -  15  whereupon  crystals  were  separated  which  on  micro - 
sccpic  examination  proved  to  consist  of  trihydrate.  The  centrifuged  precipitate 
was  suspended  to  0.1m  magnesium  chloride  and  again  separated  hy  centrifuging 
The  same  process  was  repeated  whereupon  the  centrifuged  liquids  were  confined  and 
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all°  +„,,  at  1°  ~  15  •  In  this  way  large  well -developed  crystals  were 

separated  which  as  far  as  the  shape  is  concerned,  resembled  the  earlier  prepared 
crystals  c  f  pentahydrate  but  were  much  bigger.  Some  of  the  crystals  we  re  however 
covered  with  crystals  c.f  trihydrate.  Chemical  analysis  of  the  preparation  showed 
that  it  consisted  virtually  of  pure  pentahydrate. 


Preparation  25  was  prepared  by  metamorphosis  bf  the  dihydrate  by  standing  for 
several  days  with  the  mother-liquor  at  0  -  2°.  Under  the  microscope  it  looked 
exactly  like  preparation  24  but  more  of  the  crystals  were  covered  with  crystals  of 
trihydra  e’  ^  micro photo graph  of  the  preparation  is  reproduced  in  Pig.  9  find.  10. 
After  standing  for  2  to  3  weeks  in  a  closed  tube  it  had  crumbled  and  the  upper 
part  of  the  tube  was  oovered  with  drops  of  water. 


Prom  the  experiment  described  under  preparation  24  it  follows  that  the  con¬ 
centration  of  the  salt  has  an  influence  on  whether  trihydrate  or  pentahydrate 
crystallises  out. 


Determination  of  the  solubility  of.  and  the  hydrogen  ion  concentration  in 

suspensions  of ,  the  trihydrate  at  different  carbon  dioxide  pressures  and 

magnesium  ion  concentrations. 

These  investigations  were  carried  out  to  check  the  validity  of  equations  (2)  and 
(5)  as  well  as  to  determine  the  value  of  K  in  these  equations.  The  solubility  7/as 
determined  using  the  same  mixture  which  v/as  used  for  the  hydrogen  ion  measurement. 
When  the  potential  had  become  constant  the  suspension  was  filtered;  to  25  cc. 
filtrate  was  added  methyl  red,  a  slight  excess  of  0.  In  hydrochloric  acid,  and 
100  cc.  water.  After  boiling  off  the  carbon  dioxide  and  cooling,  the  solution 
was  back  titrated  with  0. In  sodium  hydroxide. 

The  hydrogen  ion  concentration  was  determined  using  the  same  apparatus  which 
is  described  in  the  report  on  calcium  carbonate.  Since,  however,  equilibrium  was 
reached  rather  more  slowly  than  in  the  corresponding  experiments  with  calcium 
carbonate,  sc  that  the  mixture  cf  carbon  dioxide  and  hydrogen  frequently  had  to  be 
prepared  several  times  during  one  experiment,  emphasis  had  to  be  placed  on  preparing 
the  mixture  cf  carbon  dioxide  and  hydrogen  quickly.  So  as  to  not  interrupt  the 
experiment  longer  than  absolutely  necessary.  It  was  therefore  impracticable  to 
prepare  the  hydrogen  electrolytically  and  we  therefore  used  a  cylinder  hydrogen 
from  "Dansk  lit-  og  Brintfabrik"  ("Danish  Oxygen  and  Hydrogen  Factory").  Before 
the  hydrogen  v/as  led  into  the  spirometer  it  was  passed  through  palladium  asbestos 
at  350°  and  then  through  a  tower  with  dried  calcium  chloride  and  four  very  large 
U- tubes  filled  with  soda  lime.  In  this  way  it  v/as  possible  to  prepare  40  litres 

of  the  mixture  of  hydrogen  and  carbon  dioxide  in  the  course  of  a  half  hour.  A 
3.5  molar  calomel  electrode  v/as  used  and  the  measuring  technique  gave  an  accuracy 
of  about  0.5  millivolt.  Two  determinations  of  Eo  were  made  with  an  interval  cf 
4  months.  The  results  of  these  determinations  are  shown  in  Table  II.  Two 
different  calomel  electrodes  were  used  and  determinations  were  carried  oUt  in  4 
different  apparatuses  (that  is  with  8  different  hydrogen  electrodes).  The  agree¬ 
ment  between  the  measurements  is  satisfactory  and  it  is  seen  that  the  results 
using  cylinder  hydrogen  are  the  same  as  those  using  electrolytic  hydrogen  of  our 
own  preparation.  The  mean  value  gives  a  potential  0. 3715  volt.  Correcting  for 
the  diffusion  potential  between  3.5m  KC1  and  0.01m  HC1,  0,09m  Kd  (0,6  millivolt) 
we  obtain  the  potential  0.3709  volt.  The  hydrogen  ion  activity  in  0.01  Hd, 

0.09  Kd  =  10_2»°93  and  inserting  this  value  in  the  equation 

Eo  -  E 

logaH*  =  oTo577 
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where  E  =  0.3709,  we  find  Eq  =  0.2502. 

In  the  investigations  v/ith  calcium  carbcnate  the  value  of  Eq  was  determined  ag 
0.251 6.  The  disagreement  between  the  two  values  is  sc  great  that  it  cannot  come 
from  experimental  error  and  it  is  only  natural  to  assume  that  the  difference  i3 
due  to  the  calomel  electrodes  since  the  preparations  cf  mercury,  calomel,  and 
potassium  chloride  were  not  the  same  as  were  used  in  1918, 

That  the  difference  originates  in  the  calomel  electrodes  is  also  indicated  by 
the  fact  that  the  difference  in  potential  between  a  0. In  and  3.5n  calomel 
electrode  was  determined  as  0.0841  volt  with  an  uncertainty  of  abcut  2/10  of  a 
millivolt  while  in  1918  0.0850  volt  was  found.  Bilmann'.  15;  finds  a  difference  of 
potential  of  O.O845  between  0.1  and  3.5n  calomel  electrodes. 

Since  the  hydrogen  electrode  measurements  were  made  against  the  same  calomel 
electrode  both  in  the  mixture  0.01  HC1,0.09KC1  and  in  the  suspensions  of  calcium 
carbcnate,  the  calculations  made  in  the  report  on  calcium  carbonate  will  net  be 
affected  by  taking  the  value  for  Ep  in  this  report  as  0.250,  while  in  the  report 
on  calcium  carbonate  calculations  were  made  y/ith  the  value  0.252. 

In  Tables  III  to  VI  the  results  of  the  potential  measurements  and  solubility 
determinations  are  given.  The  experiments  were  carried  cut  with  preparation  15 
and  fer  each  experiment  2g  magnesium  carbcnate  and  55  cc.  magnesium  chloride 
solution  were  used.  About  1  litre  of  the  hydrogen  carbcn  dicxide  mixture  was 
bubbled  through  the  solution  per  hour. 

To  begin  with  the  magnesium  carbonate  was  suspended  in  the  magnesium  chloride 
scluticns  after  which  the  mixture  of  hydrogen  and  carbcn  dioxide  was  introduced. 
The  basic  reacting  mixture  produced  in  this  way  became  naturally  less  and  less 
basic  as  it  gradually  took  up  carbcn  dioxide.  This  adjustment  cf  potential  from 
the  basic  side  took  place  so  slowly  however  that  it  was  given  up  at  carbcn  di¬ 
cxide  pressures  0,04,  0,2  and  1  »0fc.  At  these  carbcn  dicxide  pressures  either 
carbon  dioxide  was  passed  into  the  suspensions  until  it  cculd  be  checked  from  the 
measurements  of  potential  that  the  mixture  contained  an  excess  of  carbon  dioxide 
or  else  scluticns  of  magnesium  chloride  were  used  which  were  saturated  with 
carbcn  dioxide  thus  during  these  experiments  a  potential  adjustment  was  only  made 
from  the  acid  side.  At  5%  carbcn  dioxide  pressure  the  first  adjustment  of  the 
potential  was  made  from  the  basic  side.  The  following  adjustment  of  the 
potential  in  experiments  where  0.5  and  0.1m  MgCl2  were  used,  was  made  from  the 
acid  side. 


Approx* mate  calculation  of  the  reaction  constant  of  the  trihydrate 

Taking  logarithms  in  equation  (5)  we  obtain  the  following  expression 

log  K  =  -  PH  ~  £  log  0^++  -  i  log  Po02  .  (7) 

In  Table  VII  a  calculation  cf  log  K  is  carried  out  using  equation  (7).  As  a  rule 
the  value  for  the  potential  shown  in  the  table  uses  the  last  determination,  that 
is  the  determination  corresponding  to  the  determination  of  solubility.  The 
measurements  at  a  carbon  dioxide  pressure  of  5f°  are  converted  to  a  hydrogen 
pleasure  cf  1  atmosphere  by  addition  of  0.0006  volt.  In  the  experiment  where 
0.1m  MgCl2  and  5$  carbcn  dioxide  in  the  hydrogen  were  used  the  mean  value  for  the 
adjustments  from  the  acidic  and  basic  sides  was  used. 
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The  value j  of  log  K  at  one  and  the  same  carbon  dioxide  pressure  show  quite 

the  value  Of  log  K  in  the  experiment  where  0.1m  MgCG-2 
and  0.04a  carbon  dioxide  in  the  hydrogen  Y/ere  used,  is  rather  different.  The 
values  of  log  K  at  carbon  dioxide  pressures  0.05  and  0,01  atmosphere  also  showf 
by  and  large,  satisfactory  agreement  vdrile  the  values  of  log  K  at  carbon  dioxide 
pressures  0,002  and  0.0004  atmosphere  are  respectively  0,1  and  0,2  bigger.  Thus 
there  is  an  increase  in  log  K  with  falling  carbon  dioxide  pressure.  However 
this  condition  is  because  the  adjustment  of  the  equilibrium  at  the  low  carbon 
dioxide  pressures  took  place  very  slowly  at  the  end,  so  that  in  fact  there  was  not 
equilibrium  at  the  conclusion  of  the  experiments  shown  in  Tables  III  and  IV,  ^ 

This  was  checked  by  carrying  cut  a  new  series  of  experiments  at  the  carbon  di¬ 
oxide  pressure  0*0004  atmosphere.  The  magnesium  carbonate  was  suspended  in 
solutions  of  magnesium  chloride  saturated  Yjith  carbon  dioxide  and  the  mixture 
was  stirred  for  10  minutes  before  the  passage  of  the  hydrogen— carbon  dioxide 
mixture  began.  After  51  hours  the  potentials  were  0.740,  0,739*  0*772  and 
0,778  while  for  the  calculation  of  log  K  the  potential  values  used  were  0.735, 
0.749,  0.769  and  0,775.  However  the  potentials  after  51  hours  have  still  not 
become  constant.  The  increase  in  the  potential  is  0,1  -  0,2  millivolts  per  hcur. 
Therefore  for  an  exact  calculation  of  log  K  only  the  measurements  at  carbon 
dioxide  pressures  0,01  and  0,05  atmosphere  can  be  used. 


Exact  calculation  of  the  reaction  constant  for  the  trihydrate 

Introducing  in  equation  (2)  the  expression  =  <%jg++.  Fa  and  setting 

p/Po  =  ^  taking  logarithms  we  obtain  the  following  expression 

log  K(j  =  -PH  -  i  log  9Mg++  “  ^  loE  PC02  “  ^  •■•••  (8) 

or  (cf,  equation  (7)) 


log  Ko  =  log  K  -  £  log  Fa  .  (9) 

In  this  equation,  Fa  represents  the  gross  activity  coefficient  of  the 
magnesium  ion,  that  is,  a  factor  by  which  the  magnesium  ion  concentration 
(assuming  complete  dissociation)  must  he  multiplied  to  give  the  activity  of  the 
magnesium  ion.  In  Fa  are  included  all  the  different  factors  which  have  an 
influence  on  the  activity  of  the  magnesium  ions  (hydration,  possible  complex 
formation  the  effect  of  the  electrical  interionic  forces).  The  magnitude  of 
the  activity  coefficient  which  is  due  to  the  interionic  forces,  fa,  can  be 
calculated  from  Bjer rum's  formula 

-  log  fa  =  n  .  k  ^Eonic  normality  (la-)  +  2a2  +  3aj)  .  (l0) 


where  n  represents  the  valency  of  the  ion  k  is  a  constant  in  the  neighbourhood 
cf  0  W  and  a-i  tto  ax  are  the  fractions  of  the  ionic  normality  which  are  due  to 
’  ^  1  1  j _  irsiv.  In  equation  (9),  if  we  replace 


mono 


di-  and  tri valent  ions  respectively. 


Fa  by  fa  we  obtain  the  expression 


log  Ko  =  log  K  -  i  log  fa 


(11) 
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carri^dT^}e  Vl11  a  calculation  of  log  Kq  according  to  equation  (ll)  has  teen 
factor  f-i  *  ^  the  calculation  of  leg  fa*  k  has  "been  set  equal  to  0. 30 }  the 

(see  Tflhi  ' (^2  +  ^3)  equal  to  1,5,  and  the  ionic  normality  equal  to  2q, 
are  0  t  VI1^’  The  values  for  log  Kq  calculated  according  to  equation  + 


Used  1  +  ^  the  experiments  where  0,02  and  Q.0Q4m  magnesium  chloride  were 

cendi  +1-1  §reater  icnic  ccncentraticns  the  value  of  leg  K  increases.  This 
ion-io  1Gn  ls  due  to  the  fact  that  Fa  and  fa  are  e'tjial  at  low,  but  net  at  high 
usin  concentrations .  The  exact  value  for  the  reaction  constant  is  obtained V 
■  ®  J'“e  measurements  in  0,02  and  0,004  magnesium  chloride.  The  mean  valu; 

call  T  1  ^  =  ”6.57.  The  value  of  the  gross  activity  coefficients  can  be 

maM  ,  from  elation  (9).  The  result  of  such  a  calculation  is  included  in 
-LQ-Die  VIII  # 


6. 


palculation  of  the  solubility  product  cf  the  trihydrate 

Applying  the  law  of  mass  action  to  the  equation  for  the  dissolution  of  caftan 
dioxide  in  water,  and  to  the  equations  for  the  dissociation  of  carbonic  acid., 


002  +  H20  =  H2C0  j , 
H2CO3  --  H+  +  HCO3-, 
HCO3-  =  H*  +  CO3-, 


we  obtain  the  following  expressions  for  the  solubility  constant  of  carbon  dioxide, 
and  the  first  and  second  dissociation  constants  of  carbonic  acid 


aH2C03 

P002 


Kl 


aH+  *  aH003~ 
aH2003 


%I  = 


®H+  *  aC03~ 

aHG03~ 


(12) 

(15) 

04) 


From  equations  (12) ,  (13)  and  (14)  it  can  easily  be  shown  that 


Kp.Kij.Kp.pQo^ 


*11+ 


(15) 


Frcm  equation  (l5)  and  equation  0)  we  can  then  show,  when  we  set  p/Po  =  1  that: 


aMg++*  aC03~ 


KI3>KI-Kp 

*o2 


(16) 


n 
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By  introducing  in  equation  (l6) 
calcium  carbonate)  and  log  L 


log  Kx  =  -6,51,  log  Kp  =  “1,33  {see  the  report  on 
“6.57  we  obtain 


V+,a(X)3-  "  kix#1°5‘25  ••••••*••• 

The  value  for  the  second  dissociation  constant  cf  carbon  acid  is  not  loiown  with 
great  accuracy,  but  is  in  the  region  of  10“10*3,  Taking  this  value  for  Kjx*  the 
solubility  product  cf  magnesium  carbonate  is  then  1Q-5.05  at  18°. 


The  problem  of  the  formation  cf  complexes 

This  question  arises  as  a  natural  consequence  of  the  fact  that  magnesium  forms 
double  salts.  Before  the  investigations  of  Lcven^1^  cf  the  precipitation  of 
magnesium  salts  with  ammonia,  incomplete  precipitation  of  magnesium  hydroxide  was 
explained  as  a  result  cf  conplex  formation  between  magnesium  chloride  and 
ammonium  chloride.  The  question  of  the  formation  c Complexes  in  solutions  of 
magnesium  chloride  and  mixtures  of  it  with,  alkali  chlorides  was  later  investigated 
but  without  agreement  being  reached^5)+  a  discussion  of  the  prcblem  has  been 
cmdbBiftickiirKii^  and  Drucker.  This  discussion  is  mainly  concerned 
with  how  far  one  may  assume  a  step-wise  dissociation  according  to  the  equation 


¥gCl2  =  Mgd+  +  01“ 


or  whether  one  shall  assume  the  formation  of  more  highly  ccnplexed  ions  or 
molecules  MgCl-j_,  MgGL^ _ ,  Mgg0^- 

From  the  determinations  cf  the  reaction  and  solubility  described  above  one 
can  obtain  information  about  a  possible  formation  cf  conplex  by  the  bicarbonate 
in  the  solutions  examined  (by  complex  formation  v/e  understand  any  departure  from 
complete  dissociation),  since  the  activity  of  the  bicarbonate  ions  can  be  calcu¬ 
lated  not  only  from  the  electrometric  measurements,  but  in  addition,  from  the 
determinations  of  the  solubility,  by  multiplying  the  bicarbonate  ion  concentration 
determined  analytically  (assuming  complete  dissociation)  by  the  activity  co¬ 
efficient  calculated  from  the  cube  root  formula  (equation  (l0)).  If  seme  of  the 
bicarbonate  is  present  in  a  conplex  form  the  electrometrically  determined 
activity  of  the  bicarbonate  ion  will  be  smaller  than  that  determined  analytically, 
in  the  calculation  cf  which  a  necessary  condition  is  ccnplete  dissociation. 


In  Table  IX  a  calculation  of  the  activity  of  the  bicarbonate  ion  is  carried 
out  using  the  two  methods  described. 

The  activity  of  the  bicarbonate  ion  determined  electrometrically  is  calcu¬ 
lated  from  the  expression 


Kp.Kl.PCO? 

aHC03-  =  afff 


(18) 


This  expressicn  is  easily  derived  from  equations  ( 1 2 )  and  ( 1 3) -  The  activity 
the  bicarbonate  ion  determined  analytically  is  calculated  using  the  equations 
(19),  (20),  (21),  (22)  and  (23): 
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(19) 


^I.fgCOj, dissolved  =  Cc03  ^ 

qH003-  =  CHC03-  •  f9HC03-  .  (2°) 

-  log  fa  =  n.k  J  Ionic  normality  (1<H  +  2a2)  .  (21) 

K1.Ku.Kp.Pc02 
=  ® 

aco3 —  =  cco3~  •  faco3—  .  (23) 

F°r  the  calculation  of  log  f&HC03-  ^aC03"  ^rcm  equation  (21 ;  the  activity 

constant  k  is  set  equal  to  Oil-5  (according  to  some  unpublished  investigations  of 
YTarburg  the  activity  constant  of  the  bicarbonate  ion  in  solutions  of  sodium  bi¬ 
carbonate  and  mixtures  of  this  with  sodium  chloride  can  be  calculated  to  have  a 
value  of  about  0.45).  The  values  for  log  faQQ^ log  ^HGO^-  are  ^us 

obtained  by  multiplying  the  values  of  log  f&Mg++  shovm  in  Table  VIII  by  1,5  and 
0.75  respectively. 

The  values  of  the  activity  of  the  bicarbonate  ion  shewn  in  the  last  twe 
columns  of  Table  IX  are  seen  to  lie  close  together  at  0,1  m  and  weaker  concen¬ 
trations,  In  individual  cases  the  analytically  determined  activity  of  the  bi¬ 
carbonate  ion  is  greater  than  that  determined  electrometrically.  In  other  cases 
the  opposite  is  true.  The  differences  are  a  little  bigger  than  would  be  expected 
from  the  accuracy  of  the  electrometric  measurements  and  the  determinations  of 
solubility.  The  reason  for  this  is  probably  because  the  adjustment  of  equilibrium 
in  reality  takes  place  more  slcwly  than  was  assumed  during  the  trihydrate  Measure¬ 
ments,  <md  because  one  cannot  be  absolutely  certain  that  equilibrium  is  completely 
reached  even  if  the  potential  has  maintained  a  constant  value  for  1  **  2  hours 
(of.  measurements  of  pentahydrate,  Section  9). 

In  order  to  throw  more  light  on  the  problem  of  "complex  formation  in  solutions 
of  magnesium  salts",  an  electrometric  determination  of  the  activity  of  the 
chloride  icn  was  made  in  the  solutions  of  magnesium  chloride  used  and  for  com¬ 
parison  with  the  values  determined  in  this  way,  a  calculation  of  the  activity  of 
the  Chloride  ion  was  made  by  multiplying  the  chloride  ion  concentration  (assuming 
censdete  dissociation)  by  the  activity  coefficient  calculated  from  the  cube  root 
formula.  The  results  are  shewn  m  Table  X,  ne  cudb  roc 

The  eleotrometrieally  determined  chloride  icn  activity  la  calculated  frem  the 
equation 


E  =  0.0577  log  — ^C1~ 

Q*  1  .fa^^— 


(24) 


The  activity  coefficient  for  the  chloride  ion  in  0.1m  Beta-,,*™  M 
calculated  from  equation  (10)  by  aetting  the  activity  "253(1?). 

There  is  seen  to  be  quite  good  agreement  between  . 

determined  eleotrometrieally  and  that  determined  ana'll  VT°ride  ion  activity 

j  ic&_L!y#  On  going  from 


0«1m  to  0.5m  MgCl2  the  electrometrically  determined  chloride  ion  activity  increases 
more  rapidly  however  than  that  determined  analytically,  hut  this  is  also  expected 
since  from  the  gross  activity  coefficients  which  were  calculated  in  Table  VIII  it 
follows  that  hydration  of  the  magnesium  ion  plays  a  significant  role  in  a  0.5m 
magnesium  chloride  solution.  That  an  even  greater  increase  does  net  take  place 
is  perhaps  due  to  slight  complex  formation  at  high  concentrations.  By  and  large 
the  experiments  indicate  however  that  magnesium  salts  are  completely  dissociated. 


•  ^g^-^tion  of  different  preparations  of  trihydrate 

The  investigations  described  above  wEre  made  with  preparation  15«  For  com¬ 
parison  in  Table  XI  the  results  of  seme  investigations  which  were  carried  out  with 
other  preparations  cf  trihydrate  are  reported.  The  preparations  were  suspended 
in  0.1m  magnesium  chloride  solutions  saturated  'with  carbon  dioxide  and  a  mixture 
of  hydrogen  and  carbon  dioxide  containing  1%  carbcn  dioxide  was  bubbled  through 
the  suspension. 

The  agreement  in  the  measurements  of  potential  is  satis!  actcry  and  the  agree¬ 
ment  in  the  determinations  cf  solubility  of  preparations  18,  19  and  15  is  also 
good.  However,  the  solubility  of  preparations  16,  17  and  20  is  somewhat  bigger. 
The  examination  cf  these  preparations  was  carried  out  during  the  winter  of  1919 
under  conditions  where  regulation  of  the  temperature  of  the  room  was  not  possible 
with  sufficient  accuracy  and  it  is  probable  that  the  disagreement  has  its  origin, 
in  this  fact.  The  difference  in  the  solubilities  is  however  not  particularly  big 
and  it  is  justified  to  conclude  from  the  figures  in  Table  XI  that  the  different 
preparations  of  trihydrate  show  agreement  in  their  reactions  and  solubilities. 

In  the  investigations  of  the  trihydrate  so  far  carried  out  we  have  assumed  a 
magnesium  chloride  solution  which  should  be  saturated  with  magnesium  carbonate. 

Tc  investigate  whether  the  same  conditions  cf  equilibrium  are  reached  by  starting 
from  a  solution  which  is  super- saturated  with  magnesium  carbonate  the  following 
experiment  was  carried  out. 

1g  trihydrate  (preparation  19)  was  suspended  in  a  0.1m  solution  cf  magnesium 
chloride  which  was  0. 1528n  with  respect  to  magnesium  carbcnate  and  saturated  with 
carbon  dioxide.  After  bubbling  through  the  solution  a  mixture  of  hydrogen  and 
carbon  dioxide  (ifo  carbon  dioxide)  fer  1&J  hours  the  potential  had  become  constant. 
The  potential  was  0.7231  volt  and  the  solution  was  0.0656n  with  respect  to 
magnesium  carbonate.  These  figures  show  agreement  with  the  figures  in  Table  XI. 


Determination  of  the  reaction  and  solubility  of  some  pentahydrate  preparations 
at  18U 

The  results  of  the  experiments  made  are  shown  in  Table  XII.  The  experiments 
were  carried  out  at  a  carbcn  dioxide  pressure  of  0.01  atmosphere  and  for  suspension 
of  the  preparations  the  mixtures  of  liquids  were  used  which  are  shown  in  the 
second  column  of  the  table.  It  will  be  seen  that  the  concentration  of  magnesium 
chloride  in  all  the  experiments  was  0.1m.  A  determination  of  the  solubility  was 
made  for  each  individual  adjustment  of  potential.  A  closer  examination  of  the 
results  cf  measurements  for  preparations  21  and  23  shows  that  this  precaution  is 
very  important  if  an  exact  adjustment  of  equilibrium  is  desired.  In  experiment  2 
with  preparation  21  the  potential  was  constant  already  after  1  hour  and  the  experi¬ 
ment  was  concluded  after  about  4  hours.  In  experiments  1  and  3  with  the  same 
preparation  where  the  durations  of  the  experiments  were  24  and  18  hours 
respectively,  potentials  were  feund  which  shewed  satisfactory  agreement  with  the 
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10. 


Potential  in  experiment  2  The  determinations  of  solubility  however  show  that 
equilibrium  was  not  present  in  the  short  experiment  2.  The  explanation  that  the 
potential  nevertheless  had  not  altered  is  that  the  solution  was  unsaturated  both 
with  pentahydrate  and  carbon  diuxideK. 

The  potential  will  be  reduced  by  absorption  of  carbon  dioxide  while  ab- 
Sorption  of  magnesium  carbonate  will  increase  it.  The  same  condition  is 
observed  in  the  experiments  with  preparation  23.  1x1  experiment  3  vath  pre¬ 

paration  21  and  experiment  2  with  preparation  23  where  the  adjustments  were 
carried  cut  from  the  acid  side,  and  where  the  duration  of  the  experiments 
covered  18  hours,  there  is  seen  to  be  good  agreement*  In  experiment  1  with 
preparation  21  an  adjustment  was  made  ffom  the  alkaline  side.  The  difference  in 
the  results  of  the  measurements  between  the  experiments  frcm^the  acidic  and  the 
alkaline  sides  amounts  to  1  millivolt  in  the  potential  and  2g?oin  the  deter- 
nunations  of  solubility*  In  making  calculations  of  the  experiments  with  the 
plate— shaped  pentahydrate  it  will  be  most  natural  tc  use  the  mean  of  the  results 
of  measurements  from  the  acidic  and  alkaline  sides,  that  is,  the  potential 
0,7278  volt  and  the  titration  figure  10,18,  Microscopic  examination  of  the 
precipitate  shewed  that  during  experiment  3  with  preparation  21  a  quantity  of 
trihydrate  was  formed,  and  that  the  pentahydrate  crystals  were  partly  dissolved, 
luring  experiments  1  and  2  with  preparation  21  and  experiments  1  and  2  with 
preparation  23  only  an  insignificant  amount  of  trihydrate  was  formed,  luring 
experiment  4  with  preparation  21  and  experiment  3  with  preparation  23 j  an 
attenpt  was  made  to  reach  an  adjustment  of  equilibrium  of  the  pentahydrate  by 
starting  from  a  solution  which  was  super-saturated  with  magnesium  carbonate. 

In  both  cases  complete  conversion  to  the  trihydrate  took  place.  After  1^-  days 
the  potentials  were  respectively  0,7263  and  0,7278  volt  and  the  amount  cf  tri- 
hydrate  v/as  roughly  estimated  as  50J&,  The  potential  0.7278  volt  corresponds 
completely  to  the  potential  for  pentahydrate  despite  the  presence  of  the  large 
quantity  of  trihydrate,  This  tells  us  that  crystallisation  of  the  trihydrate 
takes  place  more  slowly  than  the  dis solution  cf  the  pentahydrate.  At  the  con¬ 
clusion  of  the  experiments  the  measurements  of  potential,  the  solubility  deter¬ 
minations  and  the  micro  see  pic  examinations  all  shewed  that  a  complete  conversion 
cf  pentahydrate  to  trihydrate  had  taken  place. 


The  results  of  the  examination  of  the  impure  rod-shaped  pentahydrate 
(preparation  25)  indicate  that  it  has  the  same  solubility  and  reaction  as  the 
plate-shaped  pentahydrate.  At  the  conclusion  of  the  experiment  the  precipitate 
contained  an  estimated  30%  of  trihydrate.  In  the  examination  of  preparation  22 
ouiplete  conversion  to  the  trihydrate  took  place. 


Calculation  of  the  reaction  constant  and  solubility  product  of  the  pentahydrate 


The  potential  0.7278  volt  corresponds  to  the  hydrogen  icn  exponent  8.280  and 
the  titration  figure  10.18  shews  that  the  solution  is  0.08l4n  vdth  respect  to 
nesium  carbonates.  Using  these  values  we  find 


magnesium 


*  Since  the  solution  is  about  O.OJm  vdth  respect  to  magnesium  carbonate  while  th< 
carbon  dioxide- saturated  magnesium  chloride  solution  is  n  nj  f™  with 

respect  tc  carbon  dioxide,  it  is  clear  that  the  ad^sSeS  "f  eS^briS  can 
easily  take  place  from  the  alkaline  side  as  some  of  the  carbon  divide  can  be 
removed  vdth  the  hydrogen  before  it  has  reacted  with  the  magnesium  carbonate. 
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-6.85 

-0.59  and 

O.M. 


leg  K  from  (7) 
log  fa  from  (lO) 
log  fa 


Log  Fa  is  calculated  assuming  that  the  difference  between  log  Fa  and  log  fa  in 
the  pentahydrate  experiment  is  the  same  as  in  the  trihydrate  experiment  at  the 
same  carbcn  dioxide  pressure  and  magnesium  chloride  concentration  (see  Table  VIII ; 

c  ®^ati°ns  (7) ,  (9)  and  (l6)  we  find  log  Ko  for  the  pentahydrate  equals 

-6.65  at  18  and  the  solubility  product  for  the  pentahydrate  equals  Kjp.10 
approximately  1(H*-«°9  at  18°. 


1 1  •  Determination  of  the  reaction  and  solubility  of  tri-  and  pentahydrates  at  0° 

Seme  investigations  were  made  at  0°  to  give  material  for  the  calculation  of 
the  teirperature  equilibrium  between  trihydrate  and  pentahydrate.  The  experiments 
were  made  at  a  carbon  dioxide  pressure  of  0.01  atmosphere  and  0.1m  MgCl2  was  used 
to  suspend  the  preparations.  It  was  checked  under  the  micro  scope  that  during  the 
experiments  no  change  took  place  with  the  precipitates.  From  the  results  which 
are  shewn  in  Table  XIII  it  follows  that  the  trihydrate  is  more  easily  soluble 
than  the  pentahydrate  at  0°.  On  the  other  hand  at  18°  the  pentahydrate  was  mere 
easily  soluble  than  the  trihydrate.  A  similar  change  was  observed  with  the 
potentials  9  in  that  the  potential  of  the  trihydrate  is  greater  than  that  of  the 
pentahydrate  at  0°,  while  the  reverse  is  the  case  at  18  . 


12.  Calculation  of  the  temperature  at  which  trihydrate  and  pentahydrate  are  in 

equilibrium 

In  Table  XIV  the  values  of  the  potential  and  solubility  of  tri-  and  penta¬ 
hydrates  are  given  at  temperatures  0  and  18°.  The  conversion  temperature  can  be 
calculated  both  from  the  potential  measurements  and  the  determinations  of 
solubility.  In  both  cases  the  conversion  temperature  is  found  to  lie  at  5*7°* 

In  the  calculations  it  is  assumed  that  the  potential  and  the  logarithm  of  the 
solubility  change  in  a  linear  manner  with  temperature.  The  conversion 
temperature  5.7°  is  calculated  from  experiments  where  0.1m  MgCQ.2  was  used  as  a 
dissolution  agent  and  it  is  valid  only  at  the  vapour  pressure  which  the  solutions 
had.  A  reduction  of  the  vapour  pressure  of  the  solution  will  cause  the  con¬ 
version  temperature  to  fall;  thus  in  concentrated  solution  the  conversion 
teirperature  will  be  less  than  5.7C.  In  the  following  we  shall  calculate  the 
change  in  the  conversion  teirperature  with  reduction  in  vapour  pressure. 

The  vapour  pressure  p1  at  which  there  is  equilibrium  between  trihydrate  and 
pentahydrate  can  be  calculated  from  the  equations 


(26) 


The  superscripts  III  and  V  indicate  trihydrate  and  pentahydrate  respectively 
Since  suspensions  of  trihydrate  and  pentahydrate  will  have  the  same  reaction  and 
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Magnesium  ion  activity  when  in  a  state  of  equilibrium,  we 
and  (26): 


can  derive  from  (25) 


P* 


Po 


(27) 


For  the  calculation  of  p‘  from  (27)  one  can  use  the  equation 


K,111 


a111 

aH+ 


V 

f^g!+ 


^  X1  If"1"  j  ME 

lcs  ~  v  =  108  v~  +  T-  l0£  in 

Ko  ^3+  aMg++ 


EV  -  E111 


0.0577  +  0.0002  (tn  -  18°) 


+ilog 


V 

aMg++ 

III 
+  + 


(28) 


Equation  (28)  is  derived  from  (25)  and  (26)  by  setting  p/pc,  =  1  and  then  using 
the  equation 

E  -  E 

log  aH+  ~  - : .  .  (29) 

0.0577  +  0.0002  (t°  -  18°) 

By  new  using  the  values  of  potential  given  in  Table  XIV  and  the  magnesium  ion 
activities  calculated  in  the  usual  manner  we  find  from  (2?): 


P'  =  Pc  •  1.21  at  18°  . .  (30) 

and  p*  =  pc  ,  0.91  at  0°  .  (31) 

From  (30)  and  (31)  it  follows  that  a  reduction  of  the  vapour  pressure  of  the 
solution  of  1  ft  will  cause  the  conversion  temperature  to  fall  0,64°.  From 
Table  VII  it  is  seen  that  the  magnesium  ion  concentrations  were  respectively 
C.5291  and  0.1 322 min  the  experiments  with  0.5  and  0.1  magnesium  chloride.  The 
difference  between  the  freezing  points  of  these  two  solutions  can  be  calculated 
as  2.18°  from  the  freezing  point  determinations  of  magnesium  chloride  solutions 
(Jones!1 7)). .  To  this  depression  of  the  freezing  point  there  corresponds  a 
reduction  in  the  vapour  pressure  which  can  be  calculated  with  the  aid  of  the 
equation'1  ' 

-  log  p/p0  =  0, 00421 1  .  (32) 


From  (32)  the  reduction  of  the  vapour  pressure  is  calculated  as  2  09&  The 
conversion  temperature  will  therefore  be  reduced  O.64  x  2  09  -  1  lg  ™  a*\r\o 
from  a  0.1  to  a  0.5m  magnesium  chloride  solution,  and  the  conv^^L 
will  therefore  change  from  5.7  to  4,3°.  In  the  same  way  it  can  be  calculated 
that  the  conversion  temperatures  in  a  1.391  and  a  2.310  m  magnSiuS  cSoSde 
solution  will _ be  -0.3  and  -8.7  respectively.  in  a  saturated  solution  «f  sodium 
chloiride  and  in  pure  water  the  conversion  tenperatures  will  be  -5  90  +S  1° 
respectively.  *  * 
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13#  EXP~ •lment;S  on  the  measurement  of  the  reaction  and  solubility  of  the  hydrate 


e  ore  the  passage  of  hydrogen  was  begun  the  precipitate  was  jelly-like  and 
under  the  microscope  nc  crystals  were  found.  After  1  hour  the  precipitate 
contained  a  few  crystals  of  trihydrate  as  well  as  a  number  of  crystals  in  the 
s  ape  of  a  short  six-sided  rod.  These  crystals  were  certainly  neither  tri— 
hydrate  or  pentahydrate ,  but  the  investigation  cf  the  problem  is  net  completed. 
At  the  end  of  the  experiment  the  precipitate  contained  an  estimated  Ifrfo  tri¬ 
hydrate,  a  few  six-sided  reds,  as  well  as  some  flakes  which  could  not  be 
identified. 


In  a  carbonate  solution  which  is  in  equilibrium  with  carbon  dioxide  of  one  or 
another  press1  ire  there  will  be  a  definite  relation  between  potential  and 
carbonate  normality,  and  the  potential  will  increase  with  the  normality.  At  a 
carbon  dioxide  pressure  of  0.01  atmosphere  and  at  0.1m  magnesium  chloride 
concentration  the  potentials  of  pentahydrate  and  trihydrate  are  0.728  and  0.723 
volt  respectively,  while  the  carbonate  normalities  are  0.081  and  0.064.  For 
the  dihydrate  the  potential  was  0.807  volt.  One  would  expect  from  this  large 
potential  that  the  carbonate  normality  of  the  solution  should  be  very  large  but 
one  finds  that  it  is  unusually  small  (0.024  n).  The  explanation  of  this  con¬ 
dition  must  be  that  the  solution  had  not  come  into  carbon  dioxide  equilibrium 
even  after  18  hours.  The  precipitate  must  therefore  have  bound  carbon  dioxide 
and  there  are  thus  the  possibilities  that  either  magnesium  hydroxide  or  a  basic 
magnesium  carbonate  was  formed  during  the  washing.  During  the  passage  cf  the 
mixture  of  hydrogen  and  carbon  dioxide,  what  happened  was  that  the  magnesium 
hydroxide  (possibly  basic  magnesium  carbonate)  became  converted  to  normal 
carbonate  (trihydrate).  During  the  course  of  this  process  there  will  be  no 
change  in  the  potential  so  long  as  the  precipitate  contains  both  trihydrate  and 
hydroxide  (possibly  basic  salt),  since  the  solution  will  still  be  saturated 
with  these  2  substances.  Only  when  all  the  hydroxide  (or  basic  salt)  has  been 
converted  to  trihydrate  will  the  liquid  be  able  to  come  into  carbon  dioxide 
equilibrium.  If  one  waited  for  this  there  is  nc  doubt  that  a  rapid  fall  in  the 
potential  and  a  rapid  increase  in  the  carbonate  normality  of  the  solution  would 
set  in,  and  that  afterwards  the  required  dependence  of  potential  on  normality 
would  appear  in  the  course  of  some  hours.  The  question  cf  how  far  hydroxide  or 
basic  salt  is  formed  during  washing  has  not  been  worked  through  but  it  should 
merely  be  mentioned  that  the  reaction  of  the  suspension  indicates  that  magnesium 
hydroxide  is  formed.  If  we  set  the  solubility  product  of  magnesium  hydroxide 
as  icH 0.6U9/, ^d  use  concentrations  instead  of  activities  we  can  calculate  that 
a  suspension  of  magnesium  hydroxide  in  0.1m  MgCl2  will  have  the  hydrogen  ion 
exponent  9.36  while  from  the  potential  0.807  volt  we  find  the  hydrogen  ion 
exponent  9.65.  In  the  next  section  9.80  is  found  for  a  mixture  of  trihydrate 
and  hydroxide. 

In  the  following  it  will  be  shewn  that  magnesium  hydroxide  can  be  converted 
tc  trihydrate  when  the  carbon  dioxide  pressure  exceeds  10"~^_*54  atmosphere,  while 
to  bring  the  granular  and  fibre- shaped  basic  magnesium  carbonates  into  equilibrium 
with  the  trihydrate  requires  carbon  dioxide  pressures  cf  0.2  and  5.5  atmospheres 
respectively. 
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14.  The 


.possibilities  of  converting  magnesium  carbonate  into  magnesium  hydroxide 
If,  in  the  equation 


aCC>3-- 


we  intrcduce 

aco3~  =  -I05'25 

we  obtain 

aMg++  • 

Prom  (34)  it  is  seen  that  [g++.aQH-  will  have  the  value  (the 

solubility  product  of  magnesium  hydroxide)  when  PCO2  -*-s  e<JLial  1 0“^* At 

this  carbon  dioxide  pressure  there  is  equilibrium  between  trihydrate  and 
magnesium  hydroxide*  At  carbon  dioxide  pressures  less  than  the  tri- 

hydrate  will  be  unstable  and  the  magnesium  hydroxide  stable.  A  single  experi¬ 
ment  has  been  made  to  carry  out  this  conversion*  Carbon  dioxide-free  hydrogen 
was  passed  into  a  suspension  of  the  trihydrate  in  0*1m  MgCO^.  The  hy&rogen  ion 
exponent  was  determined  electrcmetrically  and  after  bubbling  hydrogen  for  15  hours 
it  was  9*99;  the  liquid  was  next  inoculated  with  a  little  freshly  precipitated 
magnesium  hydroxide  which  had  been  washed  with  0.1m  MgCl2«  The  result  of  the 
inoculation  was  that  the  hydrogen  ion  exponent  became  smaller* 

After:  5  min.  15  min.  1  hour  3  hours 

the  hydrogen  ion  exponent  was:  9.88  9.86  9*81  9.80. 

The  fall  in  the  hydrogen  ion  exponent  can  be  explained  by  assuming  that  after 
the  inoculation  magnesium  hydroxide  was  precipitated  out. 


Ki*Kix«Kp*PC02 


(33) 


aH+ 


(cf>-  07))  aH+  ~  ^  :  a0H“"  * 


2  1015.14 

*«■  ■  "mT- 


(») 


15.  Investigations  of  the  anhydrous  magnesium  carbonate 

The  reactive  anhydrous  magnesium  carbonate  was  hydrated  sc  quickly  that 
determinations  of  the  solubility  and  reaction  constant  could  not  be  carried  out. 
However  investigations  were  made  in  the  usual  way  of  naturally  occurring 
Magnesites  frcm  Snarum  and  Eub/a,  as  well  as  an  artificially  prepared  Magnesite 
(preparation  5 ) •  I  would  like  to  take  this  opportunity  of  thanking  Prof.  0.  B, 
B^ggild  who  placed  the  Snarum  and  Eub/a  Magnesites  at  our  disposal  from  the 
miner alogi cal  collection  of  the  University. 

Doelter '  s  "Handbuch  der  Mineralchemie"  .  distinguishes  between  two  types  of 
Magnesite:  the  amorphous  and  the  crystalline.  According  to  the  analyses 
reported  in  Doelter 1  s  handbook, .  the  Eubpa  Magnesite  is  the  purest  of  the 
amorphous  ones,  and  the  Snarum  is  the  purest  of  the  crystalline  forms  of 
Magnesite.  The  former  resembles  chalk,  the  latter  resembles  marble.  Both 
forms  are,  however,  crystalline;  the  Snarum  Magnesite  is  macrocrystalline  and 
the  Eub^a  Magnesite  microcrystalline  (size  of  the  crystals  about  3/u).  The 
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artificially  it  • 

microscope  (see  Fir  ^a£nesite  and  the  Euty/a  Magnesite  look  identical  under  the 
Table  I  (preparation  l  T  M  analysis  of  the  Eub/a  Magnesite  is  reported  in 
Magnesite  was  •pulvp-r*  L  ^naruin  Magnesite  was  not  analysed.  The  Eubpa 

centimetre).  The  q ^  ^  sieved  through  a  No.  30  sieve  (9 00  holes  per  square 
which  fine  white  -m  naruL'  Magnesite  was  first  broken  into  small  pieces,  from 
a  Nc.  30  sieve  ^  eces  were  selected  which  after  pulverising  were  sieved  through 


Determination  of  the 


and  solubility  of  Magnesite  -preparations 


tatl  P^e+hn+Ult!  repcrted  121  Tables  XV,  XVI  and  XVII.  It  follows  from  these 
n  n  +  +  ^  entials  are  reached  in  the  course  of  24  hours  or  less,  which  are 

.  ,°r  one  or  ni^re  hours.  However,  it  is  seen  from  the  long-lasting 

.  v  refcr°ed  Table  XVII,  that  the  final  exact  adjustment  of  equilibrium 

s  p  ace  very  slowly  and  in  any  event  is  only  reached  after  the  lapse  of 
yfn  5*  .  s  condition  was  first  noticed  after  the  Snarum  and  Eub^a  Magnesites 

een  ^nvestigated,  and  therefore  during  these  experiments  acid  was  added  as 
seen  as  the  potential  had  been  constant  for  some  hours.  The  values  of  the 
potential  for  the  Eub/a  Magnesite  before  and  after  the  addition  of  acid  lie  close 
together;  in  only  one  case  is  there  a  deviation  of  2  millivolts.  In  the  case 
of  the  Snarum  Magnesite,  the  potentials  before  the  addition  of  acid  are  greater 
than  after,  but  after  repeated  additions  of  acid,  porentials  are  obtained  which 
show  good  agreement,  apart  from  a  single  case  where  there  is  a  deviation  of 
4  millivolts.  The  reason  that  the  potentials  in  the  case  of  the  Snarum 
Magnesite  are  higher  when  acid  is  not  added  may  be  that  the  last  drop  of  acid 
reacts  either  very  slowly  perhaps  net  at  all  with  the  Magnesite,  but  the 
reason  may  also  be  that  the  Magnesite  contained  a  trifling  quantity  of 
impurities  (iron). 


To  test  whether  the  apparent  equilibrium  which  was  reached  in  Experiments 
XV,  XVI  and  XVTI  was  real  or  not,  an  experiment  was  made  to  reach  equilibrium 
from  the  opposite  side,  with  the  artificially  prepared  Magnesite  (preparation  5). 
The  experiment  was  made  with  a  0,1  m  solution  of  magnesium  chloride,  which  was 
0.06l6  n  with  respect  tc  magnesium  carbonate,  and  the  hydrogen  used  contained 
carbon  dioxide.  After  bubbling  the  mixture  cf  carbcn  dioxide  and  hydrogen 
through  the  solution  fer  5  hours  the  potential  was  0.7213  volt;  1g  Magnesite 
was  next  added  and  after  18  days  the  potential  was  0.7218  volt.  The  filtrate 
was  found  tc  be  0.0578  n  with  respect  to  magnesium  carbonate.  The  experiment 
shews  that  about  5  mg.  magnesium  carbonate  were  precipitated,  but  it  was  not 
possible  to  determine  under  the  microscope  whether  the  precipitation  took  place 
in  the  form  of  Magnesite.  Assuming  that  the  magnesium  carbonate  precipitated  as 
Magnesite  and  assuming  further  that  the  precipitation  contained  with  the  same 
speed  as  in  the  first  10  days,  it  can  easily  be  calculated  that  about  6  months 
would  elapse  before  reaching  the  conditions  pertaining  wh en  a  chart  is  made 
with  solutions  which  are  to  be  saturated  v/ith  Magnesite.  The  composition  cf  the 
true  equilibrium  solution  must  lie  in  the  interval  between  the  compositions  of 
the  solutions  investigated  which  dissolve  and  separate  cut  Magnesite  most 

slowly. 


16. 


nQirvniQt-ion  of  the  reaction  constants  for  preparations  cf  Magnesite 

Even  if  the  investigations  reported  in  Section  14  can  not  be  regarded  as 
inded  it  is  of  interest  to  see  how  good  agreement  there  is  between  the 
constants  ’when  they  are  calculated  from  the  conditions  of  apparent  equilibrium 
reported  in  Tables  XV,  XVI  and  XVII.  Such  a  calculation  is  carried  out  in 
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iable  mil.  The  values  cf  potential  used  for  the  Snarum  Magnesite  are  those 
which  were  reached  after  the  addition  of  acid.  The  calculation  of  Ko  is  made 
in  the  same  manner  as  for  the  pentahydrate.  The  agreement  between  the  values 
of  Ko  in  the  case  of  the  Snarum  Magnesite  is  particularly  good  while  it  is  less 
sc  for  the  Eub^a  Magnesite.  For  comparison  the  values  of  Kt  for  the  different 
crms  of  normal  magnesium  carbonate  may  be  set  out: 

log  for  the  pentahydrate  =  -6,65  at  18 

11  11  11  M  trihydrate  =  —6*57 

u  "  "  «  artificial  Magnesite  «  -5*51  "  11 

T1  ff  "  11  Eub^a  Magnesite  =  -5*18  n  " 

11  11  f*  M  Snarum  Magnesite  ~  -4,80  ,r  u 

The  fact  that  at  different  concentrations  of  magnesium  chloride  such  good 
agreement  between  the  values  of  Ko  can  be  obtained  as  was  the  case  for  the 
Snarum  Magnesite  indicated  that  the  true  equilibrium  was  nearly  reached  when  it 
was  approached  by  dissolution  of  Magnesite,  If  this  is  not  the  case,  the  expert- 
ments  shew  that  a  constant  and  finite  excess  of  affinity  is  retired  to  dissolve 
Magnesite  at  a  fair  speed ,  i.e.  to  remove  magnesium,  carbonate  from  the  crystal 
lattice  of  Magnesite,  Y/hen  this  excess  cf  affinity  is  present,  the  process  of 
dissolution  goes  on  rapidly,  but  below  this  limit  the  dissolution  takes  place 
exceedingly  slowly.  This  would  be  an  example  similar  to  Duhems*  ITfalse 
equilibria”  ( 2G) , 


17,  Preliminary  report  on  the  investigations  yri-th  the  basic  magnesium  carbonates 

The  basic  magnesium  carbonates,  the  preparation  of  which  has  been  described 
above,  can  be  regarded  as  chemical  compounds;  from  investigations  under  the 
microscope  the  possibility  that  they  might  consist  of  mixtures  of  magnesium 
hydroxide  and  magnesium  carbonate  can  at  any  rate  be  excluded.  The  ratio 
between  MgO  and  COo  is  as  mentioned  earlier  very  close  tc  6:5,  while  the  water 
content  varies*  In  the  fibre-form  of  basic  salt  there  is  about  1  molecule 
water  per  molecule  MgO,  while  there  are  about  in  the  granular  basic  salt. 

From  the  method  ol  preparation,  their  appearance  under  the  microscope ,  and  some 
preliminary  determinations  cf  reaction  solubility,  seme  of  the  preparations  m^y 
be  regarded  as  transition  forms  between  the  fibrous  and  granular  basic  salts. 

The  investigations  of  the  preparations  are  not  complete  and  will  only  be 
described  in  brief.  Determinations  of  solubility  and  reaction  have  been  made 
for  8  cf  the  preparations  (No ,  4  and  Nos ,  8  —  1 4  inclusive )  at  a  carbon  dioxide 
pressure  if  0.01  atmosphere  ana  at  0.1  m  magnesium 'chloride  concentration. 
Adjustments  have  been  made  both  from  the  basic  and  the  acidic  sides  under  con~ 
lit  ions  where  basic  magnesium  carbonate  should  go  into  solution,  and  experiments 
have  also  been  made  under  such  conditions  that  basic  magnesium  carbonate  should 
be  precipitated.  In  the  case  of  the  fibrous  basic  salt,  (preparations  4  and 
11),  the  potentials  and  solubilities  showed  agreement  for  adjustments  from  the 
acidic  and  basic  sides*  ihe  agreement  was  net  quite  sc  good  for  the  granular 
basic  salt  (deviation  at  most  1*4  millivolt)  and  there  was  similar  disagreement 
in  the  investigation  of  these  preparations  wnich,  according  to  their  appearance 
under  the  micro  scope,  were  regarded  as  transition  forms  between  the  granular  and 
fibrous  basic  salts*  On  treating  with  solutions  of  magnesium  carbonate  which 
were  unsaturated  with  respect  tc  trinydrate,  but  supersaturated  with  respect  tc 
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basic  magnesium  carbonates 

cases.  The  pctentials  f-A  ?fgnesium  waa  precipitated  from  the  solution  in  all 
0.709  vdt  respectively  rh  0  ®Panular  and  fibrous  salts  were  0*718  and 
and  0.709  volt  and  the  osrh ■  ne  ’transition  forms  shewed  potentials  between  0,718 
with  the  measurements  cr  ncrina11-tiea  of  the  solutions  showed  agreement 

the  fibrous  basic  salt  ential.  The  values  of  potential  and  solubility  for 

salt  are  reproduced  in  Table  XIX. 

The  process  fer  the  j_. 

expressed  by  the  equation  ,aetlcn  ^e^veen  the  fibrous  basic  salt  and  acid  can  be 


^2  H+  +  6  MgO,  5  C02,  6  H20  =  6  Mg++  +  5  C02  +  12  H20. 
his  equation  we  can  derive  the  egression  for  equilibrium: 

aH+  =  Kc  /®Hg++  ^PcOg5  *  P/Po  . 

From  the  results  in  Table  XIX  >  if  we  use  the  mean  values  fur  the  adjustments 
trom  unsaturated  and  supersaturated  solutions,  and  calculate  Kq  in  the  usual 
manner  we  obtain  *  1 


Kc  basic  salt^ 


-6.5U 


For  the  trihydrate  the  following  expression  is  valid: 

aH+  =  io-6-57v/a%++yPo02  (p/Po)2  .  (36) 

Prom  (35)  and  (36)  we  can  find  the  carbcn  dioxide  pressure  at  which  there  is 
equilibrium  between  trihydrate  and  the  fibrous  basic  salt.  Setting  p/pQ  =  1  we 
obtain: 


or  =  5.5  atmospheres. 

Similarly  equilibrium  between  the  granular  basic  salt  and  the  trihydrate  is 
found  to  lie  at  a  carbon  dioxide  pressure  of  0.2  atmc  sphere. 


The  conditions  found  for  equilibrium  are  valid  at  18°.  It  is  intended  to 
determine  the  conditions  for  equilibrium  at  higher  temperatures,  and  on  the 
basis  of  the  knowledge  of  conditions  of  stability  which  can  be  derived  from  this, 
to  attempt  to  prepare  the  basic  magnesium  carbonates  in  the  pure  state.  As 
mentioned  earlier  the  basic  magnesium  carbonates  were  prepared  under  conditions  in 
which  they  are  unstable. 


Attempts  were  made  to  convert  the  trihydrate  tj  the  fibrous  basic  salt  by 
shaking  suspensions  of  the  two  substances  in  0.1  m  MgCl2  at  18°  and  at  a  carbon 
dioxide  pressure  of  0.01  atmosphere.  The  experiments  indicate  that  the  con¬ 
version  takes  place  but  that  it  goes  on  extremely  slowly  under  the  experimental 

tirna  chosen.  It  could  howeber  be  confirmed  under  the  microscope  that  there 
was  a  superficial  conversion  of  the  crystals  of  trihydrate. 
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It  will  be  seen  from  the  above  report  that  the  investigation^  made  are  not 
complete  in  several  points:  I  hope  to  be  able  to  give  a  further  conmmica  ion 
on  the  problem  later.  Finally  I  would  like  to  thank  the  director  of  the 
laboratory ,  Prof,  Niels  Bjerrum,  for  the  advice  and  assistance  I  have  had  duru 
tills  work,  as  well  as  for  the  opportunity  to  make  the  investigations. 


SUMMAEf 

Applying  the  law  of  mass  action  to  the  processes  by  which  hydrogen  ions  are 
removed  from  an  acid  solution  of  anhydrous  magnesium  carbonate,  a  hydrate  with 
m  molecules  of  water  and  a  basic  salt  of  composition  nMgO ,  qC02,rK2Cf  j  equations 
0),  (2)  and  (3)  (Section  l)  can  be  derived,  which  are  valid  for  suspensions  of 
magnesium  carbonate  which  are  in  equilibrium  with  carbon  dioxide  of  any  pressure. 
In  equations  (l),  (2)  and  (3)  the  a*s  indicate  the  activities  of  the  substances, 
PCO£  represents  the  carbon  dioxide  pressure,  and  p  and  pD  are  the  vapour  pressures 

of  the  solution  and  pure  water  respectively* 

The  value  of  the  reaction  constant  was  deteimdned  for  some  different  forms 
of  magnesium  carbonate,  from  the  experiments  which  comprised  (l)  wi  electrometric 
determination  of  the  hydrogen  ion  activity  of  solutions  of  magnesium  chloride 
which  were  saturated  with  magnesium  carbonate  at  different  carbon  dioxide 
pressures  and  (2)  a  solubility  determination  made  at  the  end  of  the  reaction 
de  t  er  mina  t  ion , 

VThen  the  values  of  Kq  are  known,  the  rules  for  the  conversion  of  the 
different  forms  of  magnesium  carbonate  into  one  another  can  be  derived  from 
equations  ( 1 ) 5  (2)  and  (3)*  2  different  modifications  of  magnesium  carbonate 

must  show  the  same  reaction  under  the  same  conditions  at  the  conversion  point. 

Of  the  different  forms  of  normal  magnesium  carbonate  mentioned  in  the 
literatureO^),  the  trihydrate  (Figs,  6  and  7)?  the  plate-shaped  (Fig.  8),  and 
the  rod- shaped  (Figs,  9  and  10)  pentahydrate  ,  the  dihydrate,  Senarmontfs 
anhydrous  magnesium  carbonate  as  well  as  naturally  occurring  Magnesite  from 
Snarum  and  Eub^a  have  been  investigated,  Engel's  reactive  anhydrous  magnesium 
carbonate  was  hydrated  sc  quickly  that  a  determination  of  the  reaction  constants 
cculd  not  be  undertaken.  Preparation  of  the  debatable  hydrates  with  4  and 

molecules  water  was  not  attempted*  N^rgaardfs  mo  no  hydrate  (Fig*  2)  was  found 
to  be  a  granular  basic  salt  of  apprc  ximate  composition  6Mg0,5C02,9H20.  Several 
attempts  were  made  to  prepare  a  monohydrate,  which  however  cculd  not  be  achieved 
even  at  considerable  carbon  dioxide  pressure.  The  product  in  every  ease  was  a 
basic  salt.  A  fibrous  basic  salt  (Fig,  5)  had  the  approximate  formula 
6Mg0,5C02,6H20,  Several  cf  the  basic  salts  (Figs,  3  and  4)  were  found  by 
microscopy  and  chemical  investigation  to  be  intermediate  between  the  granular  and 
fibrous  basic  salts. 

The  trihvdrate  and  the  pentahydrate 

Introducing  in  equation  (l)  p/pQ  =  1,  taking  logarithms  and  setting  log  aWcT++ 
=  leg  CM„++  -  0.90.  Vcion  (cf.  equation  (10)),  we  have  the  following  equation 
f *r  the  determination  of  ho : 

*  4 

log  Kq  =  "  PH  -  i  loe  P002  “  i  loS  °Mg++  +  0.1-5  J'c^. 
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At  18°  log  K-  , 

„  .  ^ Trihydrate  =  -  6.57  and  log  ,  =  -6.65. 

K o  for  the  pentahvdra-t-*.  „ro„  ,  ,  ^Pentahydrate 

plate-shaped  salt  a  •  S-,  ca-*-cuTated  on  a  basis  of  the  experiment  v/ith  the 
indicated  that  it*  investigation  of  the  rod-shaped  pentahydrate 

he  same  sclubility  and  reaction  as  the  plate-shaped. 

( -) 7 i^wer^caleulfl forc ^hydrate  and  pentahydrate  (cf.  equations  (12) 
disicciSirn^™^  ^  Kn.105.25  a„a  %I.1o5.M  at  18°.  Taking  the  second 

and  ICH^ 89^  tant  °f  carbonic  acid  as  10-10-3,  we  have  the  values  10-5«°5 


from  Hptn^r  ?  temperature  between  trihydrate  and  pentahydrate  was  calculated 
^  deter^twna  °f  reaction  and  solubility  at  0°  (Table  XIV).  With  0.1  m 
+JwV*  the  conversion  temperature  was  calculated  as  5.7°.  It  was 
calculated  {cf.  equaticna  (25)  -  (31 ))  that  a  reduction  of  the  vapour  pressure  of 
e  so  u  icn  of  1/o  caused  the  conversion  temperature  to  fall  0,64  •  Using  Jones 
e  erminations  cf  the  freezing  point  of  solutions  cf  magnesium  chloride  the 
conversion  temperatures  in  pure  water,  1.391  m  and  2.318  m  solutions  of  magnesium 
chloride  were  calculated  as  6.1°,  -0.3°  and  -8.7°  respectively. 

The  dihydrate 


The  amorphous  sediment  resulting  from  the  precipitation  of  a  solution  of 
magnesium  chloride  with  a  deficit  of  sodium  carbonate  was  washed  by  centrifuging 
and  suspension  in  0.1  m  MgCl2-  it  was  found  that  during  the  washing  hydrolysis 
took  place,  since  the  precipitate  could  bind  significant  amounts  of  carbon  di¬ 
oxide.  The  hydrogen  ion  exponent  of  the  solution  was  9*65;  for  a  suspension 
cf  magnesium  hydroxide  in  0.1  m  MgCl2  the  calculated  hydrogen  icn  exponent  is 
9.36,  when  the  solubility  product  of  magnesium  hydroxide  is  taken  as  1 0.6. 

The  experiment  indicates  that  magnesium  hydroxide  formed  during  the  washing. 

Anhydrous  magnesium  carbonate 

Under  the  microscope  Eubp'a  Magnesite  had  exactly  the  same  appearance  as 
Senarmont’s  Magnesite.  Experiments  tc  reach  equilibrium  under  conditions  where 
the  Magnesite  dissolves  and  precipitates  respectively  gave  different  results. 

The  experiments  seem  tc  indicate  that  true  equilibrium  is  very  nearly  reached  in 
the  ccurse  of  a  couple  cf  days  when  approached  by  dissolution  cf  Magnesite,  while 
equilibrium  would  only  be  reached  -  if  at  all  -  after  some  months  when  approached 
by  precipitation  of  Magnesite.  In  the  ccurse  of  10  days  5  mg  magnesium  car¬ 
bonate  separated  out  cn  shaking  1  g  Senarraont's  Magnesite  in  35  cm3  0.058  n 
magnesium  carbonate  solution.  On  calculating  the  reaction  constants  in  the 
experiments  where  the  adjustment  to  equilibrium  took  place  during  dissolution  of 
Magnesite  tc  a  certain  extent  good  agreement  was  found  at  different  magnesium 
ion  concentrations  (Table  XVIII).  At  18°,  the  values  cf  log  Kc  were  -5.51, 

-518  and  -4.80  for  Senarmcnt's  Magnesite,  Eubpa  Magnesite  and  Snarum  Magnesite 

respectively . 

Basic  magnesium  carbonate 

Prom  seme  preliminary  determinations  of  reaction  and  sclubility  (cf, 
eouations  (35)  and  (36)),  the  carbcn  dioxide  pressures  at  which  equilibrium 
exists  between  the  trihydrate  and  the  basic  salts  at  18°,  were  calculated.  It 

was  calculated  that  the  granular  basic  salt  and  the  fibrous  basic  salt  are  in 
equilibrium  with  the  trihydrate  at  carbon  dioxide  pressures  of  0.2  and  5.5 
atmospheres  respectively. 
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Complex  formation 

The  activity  uf  the  bicarbonate  ions  was  calculated  partly  fr^m  the  electro¬ 
metric  measurements  (equation  (18))  and  partly  by  the  use  of  Bjerrum  s  formula  for 
the  calculation  cf  the  activity  coefficients  (equation  (10)),  from  the  deter¬ 
minations  of  solubility  (equations  (19)  -  (23)).  In  the  magnesium  chloride 
solutions  used  the  activity  of  the  chloride  ions  was  determined  electro  metrically 
(equation  (24))  and  also  by  multiplication  of  the  concentrations  by  the  activity 
coefficients*  The  agreement  between  the  electrometrically  and  analytically 
determined  activities  of  the  bicarbonate  ions  and  chloride  lens  (Tables  IX  and  X) 
indicates  that  magnesium  salts  are  completely  dissociated. 


References  to  Part  III 

(1)  C,  Boelter,  Handbuch  der  Miner  alchemic ,  1_,  220  (1912). 

(2)  Gmelin-Kraut ,  Handb*  d*  anorg*  Chemie,  _2  (2),  459  (1909)* 

(3)  A*  Vesterberg,  Chemical  studies  of  Eolcmit  and  Magnesite,  Bull*  Geol. 

Inst,  Uhiv.  Uppsala^,  97  (1900). 

(4)  A,  Cossa,  On  the  determination  of  the  mineralogical  formula  of  some  mixed 
rhcmbohedral  carbonates*  Ber,  deutsch,  Chem,  Gesellach,  2t  697  (l869). 

(5)  R,  Engel f  Su r  la  dissolution  du  carbonate  de  magnesie  par  l'acide 
carbcnique*  Ccrapt.  rend,  seances  de  l'acad*  sci, ,  Paris ^  1 00,  444* 

T  * 

(6)  Jahresbericht  (lb.  die  Fortschr.  d.  Chemie,  1_,  465  (1885). 

(7)  Ann.id,  Chem,  u.  Eharm. ,  i*.,  214  (1851). 

(8)  E.  A,  N/rgaard,  Contribution  to  knowledge  if  the, carbonic  acid  magnesia 
compounds,  D,  Kgl,  Danake  Vidensk,  Selak.  Skr, ,  5S. ,  Naturv.  og  Math. 

Afd, ,  (Reports  of  the  Royal  Danish  Scientific  Society,  5R.  ,  Division  of 
Natural  Sciences  and  Mathematics)  2,  67  (1851). 

(9)  H.  Engel,  Sur  la  formation  de  1 1  hydrocarbonate  de  magnesie.  Compt.  rend, 
seances  acad.  sciences,  Paris,  100.  911. 

(10)  Jahresber.  ub.  die  Fortschr.  d.  Chem.  u.  Mineralogie  v.  J.  Berzelius, 

1 Z,  158. 

(11)  H.  Rose,  Ueber  den  Einfluss  des  Wassens  bei  chemischen  Zersetzungen  VI. 

Annal.  d*  Pbys,  u.  Chem.  3.R. ,  85.  417  (Leipzig  1851). 

(12)  See  ref,  2. 

(13)  E.  Bilmann.  On  the  hydrogenation  of  quinhydrene.  Festskrift.  udg.  af 
K^benhavns  Universitet  (Celebration  Number  Issued  by  Copenhagen'  3  University) 
Nov.  1920. 

(14)  I.  M.  Liven,  Chemical  equilibrium  in  ammoniacal  sclutions  of  magnesium  salts. 

Zeitschr.  f.  Anorg,  Chem.,  JM,  404  (1896),  ^ 


-  56  - 


(15) 


(16) 

(17) 

(18) 

(19) 

(20) 


G,  KuiwivSlIj  The  dissociation  ratios  of  ternary  electrolytes.  Zschr. 
l^trochera.  11_,  94,  341  (1905)  -  K.  Drucker,  The  dissociation  ratios 

ternary ^ electrolytes.  Zschr.  Elektrochem.  11.,  211  (1905)  “  N.  Costach 

ana  T.  Apostci,  Gn  the  formation  of  complex  compounds  in  solutions. 

Chem.  Zentralbl.  1.  (2),  1948  (1912). 

N«  Bjerrum,  The  dissociation  of  strong  electrolytes  (See  ref.  1  to  Part  II ). 

H.  C,  Jones,  Hydrates  in  aqueous  soltrbior.,  p,  66,  Washington  1907. 

O  IT 

N.  Bjerrum,  On  the  activity-coefficients  for  ions.  Meddelanden  fran  _. 
vetenskapsakademiens  nobelinstitut,  jj,  1 6  (1919)  (Communication  from  the 
Nobel  Institute  of  the  Royal  Academy  of  Science), 

Landolt— Borns tein,  Phy3ikalisch-cheraische  Tabellen,  Berlin  1912. 

See  Zeitschr.  f.  Fhysikal.  Chem.  2 156,  711  ( 1 899 ) . 


-  57  - 


Table  I 


Analyses  of  some  preparalijns  of  magnesium  carbonate 


Preparation 

%  C02 

%  h2o 

% 

%  1/Ig0 

Total 

% 

Combined  with 

100  mol.  MgO 

mol*  C02 

niol,  H20 

Anhydrous  magnesium 
carbonate 
(Mono  hydrate) 
^rihydrate 
Fentahydrate 

52.18 

43.00 

31.80 

25.23 

0 

17.60 

39.06 

51.65 

47.82 

39.40 

29.14 

23.12 

No.  1 

51.14 

1.34 

46.91 

99.39 

99.9 

6,4 

2 

51.37 

0.86 

47.40 

99.63 

99.3 

4.1 

3 

46*46 

7.60 

45.60 

99.66 

93.4 

37.3 

4 

37.44 

20.31 

42.23 

99.9  8 

81.2 

107.6 

5 

51.62 

0.61 

47.23 

99.46 

100.2 

2.9 

6 

51.71 

0.92 

46.97 

99.60 

100.9 

4.4 

7 

35.40 

24.11 

39.70 

99.21 

81.7 

135.9 

8 

34.08 

26.72 

37.75 

90.55 

82,7 

158.4 

9 

34.33 

26.72 

38,33 

99.38 

82,1 

156.0 

10 

35.44 

24.47 

38.78 

98.69 

83.7 

141.2 

11' 

37.35 

20,10 

41.89 

99.34 

81.7 

107.4 

12 

37.43 

21.08 

40.89 

99.40 

83.9 

115.4 

13 

36.13 

24.71 

39.17 

100.01 

84.5 

141.2 

14 

36.12 

22.62 

40,62 

99.36 

81.5 

124.6 

15 

31.87 

39.92 

28.89 

100.08 

101,1 

304.5 

16 

31.74 

39.14 

28.99 

99.87 

100.3 

302.1 

17 

31.87 

39.13 

29.03 

100.03 

100,6 

301.6 

18 

31.60 

39.65 

28.80 

100.05 

100.6 

308.1 

19 

31.80 

38.99 

29,08 

99.87 

100,2 

300.1 

20 

31.78 

37.92 

29.83 

99.53 

97.6 

284.4 

21 

25.17 

51.71 

22.99 

99.87 

100.3 

503.3 

22 

29.23 

43.98 

26.53 

99.74 

100.9 

370.9 

23 

25.00 

52.22 

22.98 

100.20 

99,7 

508.5 

24  J 

|  25.40 

51.23 

23.17 

;  99.80 

i 

100.4 

t 

u 

494-8 

_ _ 1 
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Table  II 


Potential  of: 


H2  ,wet ,  at 
atmospheric 
pressure 


0.01  m  HC1 
0.09  m  KC1 


KC1  ,  UgCl 
3,5m  solid 


Hg  at  18° 


Hydrogen 

used 

Potential  in  volts 

Apparatus 

Apparatus 

II 

Apparatus 

Apparatus 

August 

1920 

Electrolytic 
,  Qylinder 

0.3714 

0.3713 

0.3715 

0.3715 

0.3715 

0.3714 

0.3714 

0.3715 

November 

1920 

Cylinder 

: 

0.3716 

0.3716 

0.3717 

0.3716 

j 
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Potential  of 


Table  III 


KC1  ,  Hgd 
3.5m  solid 


Hg  at  18° 


H2,  wet,  +  C02,  0.04% 
at  atmospheric  pressure 


MgCOj  3H20,  MgCl2 
solid  dissolved 


Magnesium 

chloride 

used 

Added 

Potential  in  volts 

j* 

Adjustment 

time 

Cm3.  0. in  ■ 
HC1  neu¬ 
tralised 
by  25  cm3 
filtrate 

1  hr.  after 
start  of 
experiment 

1  hr.  before 
end  of 
experiment 

i  hr.  before 
end  of 
experiment 

At  end 
of 

experiment 

0.5  m  iigCl2 

0 

5  cm^  CJO2 

10  n  " 

10  »»  it 

10  ft  ft 

0.7841 

0.7583 

0.7358 

0.7123 

0.7033 

0.7348 

0.7351 

0.7351 

12  hrs  5  min. 

7.65 

0.1  m  MgC I2 

0 

5  cm3  CX>2 

10  ft  t» 

10  ft  ft 

10  .f  t» 

5  "  0.2  n  HC1 

0.8199 

0.7868 

0.7573 

0.7508 

0.7478 

0.7328 

0.7481 

9,7495 

0.7493 

0.7493 

0.7493 

2  hrs  lOmin. 
10  hrs 

8.60  6 

0.02  m  WgCl2 

0 

5  cm3  CO2 

10  ff  ft 

10  ft  » 

10  "  " 

5  "  0.04  n  HC1 

0.8404 

0.8073 

0.7843 

0.7753 

0.7693 

0.7681 

0.7691 

0.7703 

0.7693 

0.7703 

0.7695 

1  hr  50  rain. 

1  hr  30  min. 

8.30 

0*004  m  MgCl2 

saturated 

y/ith  CO  2 

0 

0.7523 

0.7743 

1 

_ L 

0.7753 

0.7753 

1 

11  hrs  30  min. 

1 

9.25 

H.2,  wet  +  CO2,  0.2% 
at  atmospheric  pressure 


Table  IV 


KC1  ,  HgCa 

3.5  m  solid 


Potential  of: 


!%C03.3H20  ,  MgCl2 
solid.  dissolved 


%  at  18° 


Magnesium 

chloride 

used 

' —  ’*-* 

Potential  in  volts 

Adjustment 

time 

Cm3.  0. in 
HCL  neu- 
tralised 
by  25  cm- 
filtrate 

Added 

1  hr,  after 
start  of 
experiment 

1  hr,  before 
end  of 
experiment 

^  hr.  before 
end  of 
experiment 

At  end 
of 

experiment 

0.5  m  %C12 
saturated 
with  CO2 

0 

1  cm?  1  n  HG1 

0.6913 

0.6693 

0.7203 

0.7203 

0.7213 

0.7215 

0.7213 

0.7215 

9  hrs 

1 7  hrs  40  min. 

9.55 

0,1  m  MgC3_2 
saturated 
with  C02 

10  cm3  COp 

5  cm3  0.2  n  H01 

0.7393 

0.7353 

0.7365 

0.7367 

0.7375 

0.7357 

0.7375 

-  9  hrs  46  min, 
12  hrs  55  tnin. 

11.30 

0,02  W  MgCl2 

saturated 
with  CO 2 

20  cm3  C02 

10  cm3  C02 

0.7335 

0.7§85 

0.7505 

0.7490 

0.7513 

1 

s 

0.7495 

0.7515 

9  hrs  hO  min, 
10  hrs  50  min. 

12.20 

r 


Table  V 


Potential  of; 


H2,  wet  +  OO2,  1%  at 

atmospheric  pressure 


HgC02.3H2O 

solid 


Mgd2 

dissolved 


KC1 
3.5  m 


HgCl 

solid 


%  at  18° 


Magnesium 

chloride 

used 

Added 

Potential  in  volts 

Adjustment 

Lone 

o.ln 
HC1  neu¬ 
tralised 
by  25  cm3 
filtrate 

1  hr.  after 
start  of 
experiment 

1  hr.  before 
end  of 
experiment 

i  hr.  before 
end  of 
experiment 

At  end 
of 

experiment 

0.5  m  MgCl2 
saturated 
with  C02 

3.5  cm^i  n 

3.5  cm3  \  n  HOI 

0.6903 

0.7000 

0.7000 

0.7005 

0.7002 

0.7007 

0.7003 

6  hrs  40  min. 
15  hrs 

14.55 

0*1  m  MgCO-2 
saturated 
with  002 

0 

5  cm3  0.2  n  HC1 

0.7238 

0.7188 

0.7242 

0.7234 

0.7243 

0.7234 

0.7243 

0.7234 

2  hrs  50  min. 
5  hrs 

16.10 

0.02  m  MgCl2 

0 

0.7363 

0.7363 

0.7363 

0.7363 

2  hrs  2D  min. 

saturated 

5  cm3  0*04  n  HOI 

0.7368 

0.7371 

0.7368 

0.7365 

1  hr.  25  mm. 

with  OO2 

20  cm3  002 

0.7351 

0.7353 

0.7353 

0.7353 

2  hrs  15  min. 

17.65 

0.004  in  MgCl2 

0 

0.7350 

0.7355 

0.7363 

0.7363 

2  hrs  15  mm* 

saturated 

5  cm3  0.008  n  HC1 

with  002 

saturated  with  \ 

C02  | 

i 

1 

0.7378 

0.7383 

0.7383 

j  1 1  hrs  20  min . 

|  19.25 

Table  VI 


Potential  of: 


wet  +  CO2,  5% 
at  atmospheric  pressure 


UgCl2  Kd  ,  Hgd 

dissolved  3*5  m  solid 


Eg  at  18° 


Magnesium 

Potential  in 

volts 

Adjustment 

Cm3*  0.1 n 
HC1  neu¬ 

i  hr,  before 

chloride 

Added 

1  hr.  after 

1  hr.  "before 

At  end 

time 

tralised 

added 

start  of 

end  of 

end  of 

of 

by  25  cm3 

experiment 

experiment 

experiment 

experiment 

filtrate 

8:1  a  gg&g 

1  cm?  10n  HC1 

0.6968 

0.6811 

0.6808 

0.6808 

8  hrs 

1  cm3  1  n  HC1 

0.6788 

0.6801 

0.6808  1 

3  hrs  30  non. 

24.95 

0.1  m  I%C0_2 

0 

0.7203^ ) 

0.7026 

0.7023 

0.7023 

B  hrs  AO,  min. 

5  cm3  0.2  n  Hd 

0.7003 

0.7006 

0.7010 

1  hr*.  20  min. 

30.80  1 

0 

0.7557 

0.7114 

0.7105 

0.7105 

8  hrs  A0  min. 

0.002  m  MgCl2 

5  cm3  0.004  n  HC1 
saturate  with  CO2 

0.7111 

0.7108 

0.7105 

1  hr,  20  min. 

33.10 

0 

0.7534 

0.7138 

0.7133 

0.7133 

9  hrs  5  ndn. 

0.004  m  MgGL2 

5  cm3  0.008  n  HC1 
saturated  Tilth  OO2 

0.7143 

0.7141 

0.7135 

0.7133 

3  hrs,  10  ir±n 

l  34.60 

(1)  hours  after  the  start  of  the  experiment 


Table  VII 


The  reaction  constant  f  K«  for  the  trihydrate 
Approximate  calculation  using  15J 


Carbon  dioxide 
pressure,  in 
atmospheres 

Magnesium 

chloride 

used 

E 

PH 

MgCO}  dis¬ 
solved,  in 
normality 

°Mg++ 

; 

log  K 

0.0004 

0.5  m 

0.1  m 

0.02  m 
0.004  m 

0.7351 

0.7493 

0.7695 

0.7753 

8 . 406 
8.653 
9.004 
9.104 

0.0306 

0.0344 

0.0332 

0.0370 

0.5153 

0.1172 

0.0366 

0.0225 

-6.56 

-6.46 

-6.59 

-6.58 

0.002 

0.002 

0,5  m 

0,1  m 

0,02  m 

0.7215 

0.7375 

0.7515 

8.171 

@.l*4£ 

8.692 

0.0382 

0.0452 

0.0488 

0.5191 

0.1226 

O.O444 

-6.68 

-6.64 

-6.67 

0.01 

0,5  m 

0,1  m 

0,02  m 
0,004  m 

0.7003 

0.7234 

0.7353 

0.7383 

7.804 

8.204 

8.409 

8,461 

0.0582 

0.0644 

0.0706 

0.0770 

0.5291 

0.1322 

0.0553 

0.0425 

-6.67 
-6.7 7 
-6.78 
-6.78 

0.05 

0.5  m 

0.1  m 

0.02  m 
0.004  m 

1 

0.6814 

0.7023 

0.7111 

0.7139 

7.477 

7.839 

7.991 

8.040 

0.0998 

0.1232 

0.1324 

0.1384 

0.5499 

0.1616 

0.0862 

0.0732 

-6.70 

-6.79 

-6.81 

-6.82 

(  ;  £  j  V* 


]  *?..  Y 

t  LT  * 

|  frl  ! 
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Table  VIII 

Exact  calculation  of  the  reaction  constant  of  the  trihydrate  and  calculation 

of  the  gross  activity  coefficient  of  the  magnesium  ion 


M agnesium 
chloride 
used 

Pco^  “  0,01  atmosphere 

Ptx>2  =  atmosphere 

log  K 
from  (7) 

log  faug++ 
firm  (To) 

log  Ko 
from  ( 1 1 ) 

log  Fa 
from  (9) 

log  K 
from  (7) 

log  fa Hg++ 
from  (To) 

log  Kq 
from  (ll) 

log  Fa 
from  (9) 

0.5  m 

-6.67 

-0.92 

-6.21 

-0.20 

-6.70 

-0.93 

-6.23 

-0.26 

0.1  m 

-6.77 

-0.58 

-0.43 

1 

-6.48 

-0.40 

-6.79 

-0.62 

-6.48 

-0.44 

0.02  m 

-6.78 

-6,56 

-0.42 

-6.81 

-0.50 

-6.56 

-0.48 

0.004  m 

*  ■  - 

-6.78 

t 

-0*40 

-6.58 

-0.42 

-6.82 

-0.47 

-6.58 

-0.50 

1 

1 

1 

\ 


Table  IX 


Calculation  of  the  activity  of  the  bicarbonate  ion, 
analytically  and  electrcmetrically. 


P002 

Ilagnesium 

chloride 

used 

log  &C03 — 
from  (22) 

CC03 

from  (23) 

CHCO3- 
from  (19) 

log  aHC03-. 

(analytical) 
(from  (20) 

log  aH003- 
( electrometric ) 
from  (18) 

0,5  m 

-4.59 

0.0006 

0.0570 

-1.93 

-2.09 

j  /a 

0.01 

0,1  m 

-3.78 

0.0012 

0.0620 

-1.65 

-1.69 

atmt 

0,02  m 

-3.37 

0.0019 

0.0668 

-1.51 

-1.48 

0,004-  m 

-3.27 

0.0021 

0.0730 

-1.44 

-1.43 

0.5  m 

-4.54 

0.0007 

0.0984 

-1.71 

-1.71 

0.05 

0.1  m 

-3.81 

0.0013 

0.1206 

-1.38 

-1.35 

atm. 

0.02  m 

-3.51 

0.0017 

0.1290 

-1.27 

-1.20 

0.004  m 

-3.41 

0.0020 

0.1344 

-1.23 

-1.15 

Table  X 

Calculation  of  the  activity  of  the  chloride  ion, 
eleotroraetrlcally  and  analytically  in  the  solutions  of  MgCl2  used 

E=potential  of:  Hg  |  disiol^ed  I  Ora  *  sofoS.  |  Hg  at  18° 


MgCl2 

used 

f 

E 

log  acl- 

( el  eotrometric ) 

log  acn- 
(analytical) 

log  a^-  -  log  am- 

( el  ec  trometri c )  ( analytical ) 

0.5  m 

0.0462 

-0.317 

-0.380 

+0.065 

0.1  m 

0.0122 

-0.906 

-0.921 

+0.015 

0.02  m 

-0.0226 

-1.510 

-1.528 

+0.018 

0.004  m 

-0.0594 

-2.147 

t  *  * 

-2.173 

+0.026 

Table  XI 

I 

i  &  $  /  S  ~  * 


Preparation 

Nc. 

Pbtential 
in  j 
vclts 

Normality  of  the  solution 
with  respect 
tc  dissolved 

MgCO-j 

16 

0.7236 

0.0670 

17 

0.7228 

0.0678 

20 

0.7236 

0.0701 

18 

0.7233 

0.0650 

19 

0.7233 

0.0644 

15 

0.7234 

0.0644 
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Table  XII 


Fbtential  of: 


H2>  wet  +  CO2,  at 

MgC03.5H20  , 

MgCO.2 

KC1  , 

HgCl 

atmospheric  pressure 

solid 

0.1  m 

3.5  m 

solid 

Hg  at  18° 


Reparation 

Suspended  in 

fbtential  in  volts 

Adjustment 

time 

Cm?m  0.2n 
Ed  neut¬ 
ralised  by 
25  cm^ 
filtrate 

1  hr,  after 
start  of 
experiment 

1  hr.  before 
end  of 
experiment 

i  hr.  before 
end  of 

experiment  ( 

At  end 
of 

experiment 

Prep,  No*  21 
plate-shaped 
pentahydrate 

0.1  m  MgCl2 

0.1  m  MgCl2j  satur¬ 
ated  with  OO2 

:  30  cm^  0. 1  m  MgClg 
saturated  with  CO2 
+  5  cm3  o.2  n  HC1 

0.1  m  Mgd2, 

0.1  S^n  MgC03 

0.7593 

0.7278 

0.7218 

0.7063  ; 

0.7285 

0.7278 

0.7268 

0.7235 

0.7278 

0.7273 

0.7233 

0.7283 

0.7278 

0.7273 

0.7231 

24  hrs 

3  hrs  40  min. 

18  hrs 

52  hrs 

10.05 

9.95 

10.30 

8.19 

Prep,  No,  23 

0,1  m  MjgCO-2,  satur¬ 

pi ate- shaped 

ated  with  00  2 

0.7292 

0.7289 

1  hr,  35  nun. 

9.60 

pentahydrate 

30  cm?  0, 1  m  MgCl2 

saturated  with  OO2 

+  5  cm-5  0,2  n  HC1 

0.7233 

0.7275 

0.7278 

0.7278 

18  hrs 

10.25 

0,1  m  Mgd2* 

O.I84.  n  MgC03 

0.7053 

0.7233 

70  hrs  * 

8.20 

Prep,  No*  25 

0.1  m  MgGLp., 

rod-shaped 

saturated  "with  C02 

0.7263 

0.7263 

0.7263 

5  hrs 

10.15 

pentahydrate 

Prep,  No,  22.  1 

0.1  m  HgCl2» 

Mixture  of 

saturated  with  C02 

0.7143 

0.7236 

0.7240 

0.7238 

24  hrs 

8.10 

tri-  and  pmta- 

j  hydrates 

Table  XIII 


wet,  +  002, 

Potential  of;  1%  at  atmospheric 
pressure 


MgC03.xH20  ,  MgGl2)at  0° 
solid  0,1m) 


KC1  ,  HgCl 
3.5m  solid 


lig  at  18° 


Prep  sir  at  ion 

Potential  in  volts,  after  the  time  indicated 

Cm3  0.2  n  HC1 
neutralised  by 
25  filtrate 

1  hr* 

6  lira* 

30  hrs. 

36  hrs. 

48  hrs. 

Trihydrate 

Prep.  Wo,  15 

0.7168 

0.7163 

(0.712)^b 

0.7165 

0.7165 

12.45 

Pentahydrate 
Prep*  No.  21 

0.7153 

0.7143 

..  .j 

0.7143 

1 - - 

0.7148 

0,7141 

11.15 

_ _ _ — _ 

^  Measurements  at  intervals  of  1  hour  were  in  disagreement  by  up  to  several 
millivolts;  the  hydrogen  electrode  was  therefore  renewed,  whereupon  the 
potential  increased  and  was  constant* 


Table  XIV 


Potential  in  volts  and  solubility  in  normality  for 

tri-  and  pen^hydratg  at  0°  and  1 8° 

P002  =  °*01  atlTOS^  °P4gCl2  ”  °-1  m 


Tenperature 

Potential  in  volts 

Solubility  in  normality 

Trihydrate 

Pentahydrate 

Trihydrate 

Pent  ahydrate 

0° 

0.7165 

0.7145 

0.0996 

0.0892 

18c 

0.7234 

0.7278 

0.0644 

0.0814 

-  68  - 


Table  XV 


Hg,  wet  +  COg,  5% 

Eub/a  Magnesite, 

Mgpl2 

KCl 

,  BgOL 

Potential  of :  at  atnr>  spheric 
pressure 

solid 

dissolved 

3.5m 

solid 

Magnesium 

chloride 

used 

35  cm3 

Added 

Potential  in  volts 

Cm3  0.1  n 
HC1  neut¬ 
ralised  ly 
25  cm3 
filtrate 

1  hr*  after 
start  of 
experiment 

1  hr.  before 
end  of 
experiment 

hr.  before 
end  of 
experiment 

At  end 
of 

experiment 

Adjustment 

time 

0.5  m 

3  0 

5  cm-5  1  n  Hd 

0.6013 

0.5740 

0,6070 

0,6068 

0.6073 

0.6073 

0.6073 

6  hrs  l^nnn* 
18  hrs 

0.85 

0.1m 

0 

5  cm3  0.2  n  Hd 

0.6203 

0.6043 

0.6278 

0.6273 

0.6283 

0.6281 

0.6281 

0.6278 

1 0  hrs  45  min, 
18  hrs 

1.05 

0.02  m  j 

0 

5  cm^  0.04  ri  Hd 

0.6273 

0.6391 

0.6383 

0.6393 

0.6391 

0.6394 

0.6392 

11  hrs  10  min* 
14  hrs  35no_n, 

1.30 

|  0,004-  m 

I 

0 

5  cm3  0.008  n  Hd 

0,6351 

0.6473 

0.6493 

0. 6478 
0.6493 

0.6475 

0.6495 

1 0  hrs  45  min* 
15  hrs 

(1.95) 

Potential  of: 


H2,  wet  +  CO2,  5% 
at  atmospheric  pressure 


Table  XVI 


Ug  at  18° 


Snarum  Magnesite,  Mgd2 

Kca  , 

HgCEL 

solid  dissolved 

3.5  m 

solid 

ISagnesium 

chloride 

used 

i  Added 

Potential  In  volts 

Adjustment 

time 

Cm3  o^in 
neutral¬ 
ised  by 

25  ora^ 
fil  Irate 

3  hrs  after 
start  of 
experiment 

6  hr s  "before 
end  of 
experiment 

3  hrs  before 
end  of 
experiment 

1  hr,  before 
end  of 
experiment 

At  end 
of 

experiment 

0.5  m 

0 

1  cm3  1  n  Hd 

0.2  cm3  <>  > 

0.5983 

0.564.3 

0.5633 

0.6028 

0.5803 

0.6026 

0.5793 

0.6028  I 

0.58C4 

0.5793 

22  hrs  30  rain* 
50  hrs  3G  lain, 
22  hrs 

0.1  m 

0 

5  cm3  0*2  n  Hd 

^  fr  fi  n 

t- 

2  ft  ft  f! 

0.6203 

0.5863 

0.5903 

0.5813 

0.6058 

0.5998 

0.6248 

0.6013 

0.6238 

0.6053 

0.6008 

0.6238 

0.6013 

0.6053 

0.6013 

22  hrs  30  man, 
22  hrs  30  min. 
28  hrs  30  rain. 
25  hrs  30  min. 

0.40 

0,02  m 

0 

5  cm3  0.04  n  Hd 

^  tt  *r  tJ 

0.6253 

0. 601 3 
0.5923 

0.6193 

0.6318 

0.6313 

0.6203 

0.6208 

0.6311 

0.6203 

0.6213 

22  hrs  30  min, 
29  hrs  40  min, 
43  hrs 

0.70 

0*04  m 

. 

0 

5  cm3  0.008  n  Hd 

tr  ??  » 

0.6353 

0.6323 

0.6318 

0.6403 

0.6358 

0.6338 

0.6398 

0.6356 

0.6403 

0.6363 

0.6338 

22  hrs  30  min* 
29  hrs  40min. 
26  hrs  43 rain. 

1.05 

Table  XVII 


Potential  HS5  v,ret  +  C02, 
of ;  ^  %  Q-t  atmos¬ 

pheric  pressure 


Magnesite  ,  MgCl2 

KOI  ,  HgCl 

(Prep. No. 5)  0.1  m 

3.5  ni  solid 

solid 

Kg  at  18° 


Used 

for 

suspension 

Potential  in  volts 

Cm3  o.C 
neutrs 
by  25 
filtre 

4  n  HC1 
Used' 
cm3 
,te 

* 

1  hr.  after 
start  of 
experiment 

<H 

O  ’P 

il 

£  -p 

Q  fi 

1  °1 

jJ  ^  0 

U  ©  a, 

T"  (D 

ij 

O  e 

S  J 

■P 

r 

35  cm3  0,1  m 
MgCl2 

0.6163 

0,6 363 

0.6363 

15  hrs 

1 ,6C 

1.60 

35  cm3  o»1  m 
MgCl2  +  5  cm3 
0.2  n  HC1 

0.5988 

0.6353 

0.6353 

34  hrs^ 1  ^ 

(1) 


The  experiment  was  then  continued  at  length.  After  2,  4,  6,  7  and  12  days 
the  potentials  were  O.6373,  0.6388,  0.64-03  ,  0.6428  and  0.6428.  After 
1 2  days  the  precipitate  was  filtered  off  j  25  cm3  filtrate  neutralised 
3.06  cm3  0.04  n  Hd, 


Table  XVIII 

Calculation  of  the  reaction  constants  for  preparations  of  Magnesite 


Preparation 

Magnesium 

chloride 

used 

PC02 

E 

PH 

MgCo* 

dis¬ 

solved 

in 

norm¬ 

ality 

CMg++ 

log  K 
from 
(7) 

Peg  IV 
from 

(9) 

Eub^a 

Magnesite 

0.5  m 

0.1  m 
0.02  m 
0.004  m 

0.05 

atm. 

.0.6079 
0.6285 
0.6398  - 
0.6490 

6,203 

6.559 

6.756 

6.915 

0.0014 

0.0042 

0.0052 

(0.0078) 

0.5017 
0. 1 021 
0.0226 
(O.D079) 

-5.40 

-5.41 

-5.28 

(-5.21) 

3:8 

-5.12 

(-5.C9) 

Snarum 

Magnesite 

0.5  * 

0,1  m 

0,02  m 
0.004  a 

0.05 

atm. 

0.5805 

0.6032 

0.6214 

0.6357 

5.728 

6.122 

6,436 

6.685 

0.0016 

0.0028 

0.0042 

0.500 

0.1008 

0.0214 

0.0061 

-4.93 

-4.97 

-4.95 

-4.92 

-4.82 

-4.79 

-4.79 

Magnesite 

I^ep,No,5 

0.1  m 

0.01 

atm. 

0.6358 

6,687 

0. 0026 

0.1013 

-5.69 

-5.51 

— - - - 

-  71  - 


pressure 


Table  XIX 


Adjustment 

conditions 

Adjustment 

lime 

E 

Solutions's  normality 
with  respect  to 
MgC»3 

Prom  the 
acid  aide 

15  hrs 

0.7093 

0.0294 

From  the 
basic  side 

9  hrs 

0.7091 

0.0296 

From  a  O.O656  n 
solution  of 

MgCO^ 

9  days 

0.7130 

0.0364 

n. 

-  72  - 


